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SUMMARY
The degree of complexing occurring between many 
tervalent metal ions and oxyacid anions in dilute solution and 
at room temperature has been studied. The metals used were 
aluminiums erbium, indium, iron, lanthanum, neodymium, scandium, 
titanium and ytterbium and, where applicable, the sane experiment 
were carried out with potassium as a comparative example of a 
metal unlikely to form complexes with the anions studied. These 
anions were nitrate, orthophosphate, arsenate, sulphate and 
selenate and, again where applicable, perchlorate was used as an 
anion least likely to act as a complexing ligand with the metals.
Two experimental methods were used. Weighed samples 
of cation exchanger in the metal forms were allowed to come to 
equilibrium with solutions of each acid at various strengths and 
it is shown that the degree of complexing may be related to the 
position of such equilibria. Whenever possible, these results 
were supported by results obtained from pH titrations using metal 
chloride solutions and dilute acid solutions. In all cases, the 
results from these two different methods are substantially in 
agreement.
Attempts have been made to relate the degree of complex 
formation to various parameters of the anions and of the metals.
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It has heen shown that if the tendency to complex formation 
is plotted against the electronegativities of the metals* 
curves approximating to straight lines are obtained in the cases 
of perchlorate* nitrate* sulphate and selenate but no sensible 
plot can be obtained with phosphate or arsenate. Very similar 
results are obtained using the sum of the first three ionization 
potentials in place of the electronegativities and with the 
corresponding logarithmic plots.
It is suggested that an explanation of this difference 
in behaviour is that the orthophosphate and arsenate anions tend 
to form four membered ring' type chelate complexes with the metals 
while the others tend to form one coordinate bond only. The 
tendency to form such complexes and their stability must be 
related to various factors but one important factor will be the 
size of the metal ion. To show any such connection* the degree 
of complex formation is plotted against the non-hydratcd ionic 
radii of the metals and* in the cases of orthophosphate and 
arsenate* curves are obtained with pronounced peaks at radii of 
approximately 0.75 Angstrom units corresponding to iron or 
titanium. The other anions give a quite different more regular 
type of curve.
It is shown* by a simple calculation* that the metal 
radii corresponding to least strain or distortion* assuming the
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existence of chelate rings, are 0,72 and O.85A for phosphate 
and arsenate respectively and that, if allowance is made for the 
partially ionic character of the bonds in these groups, the 
agreement between theoretical and experimental results is 
even closer.
* * * * * *
The work described in this thesis was carried out in the 
Chemistry Research Laboratories at the Battersea. College 
of Technology under the supervision of the Head of the 
Chemistry Department, Dr.. J.E.Salmon, to whom the author 
is deeply indebted and wishes to express his sincere thanks 
and appreciation for the continued advice and encouragement 
given throughout the progress of the work.
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1. Historical Survey
Inorganic oxya.cid anion complexes, It has "been known for a long 
time that inorganic oxyacid anions have donor properties and are 
able to act as ligands in complex formation. All of the anions 
considered in this work, namely perchlorate, nitrate, orthophosphate, 
arsenate, sulphate and selenate have been used as ligands in 
molecules such as the cobaltammines and, in most cases, such 
compounds have been prepared with the anion occupying one and two 
coordination positions.
In addition, complexes of the type ML>X involving only a 
metal and the anion are possible with many metals. Series of these 
may be prepared, the number of series depending upon the basicity 
of the acid. For example, with a tervalent metal and a dibasic 
acid, two series are possible with the ligands I? and [ill]
M3+ — *  [ MHLf+ — • [ M(HL)2 f  —  [ M(BL)^ 5“
M3+— »  [ m l ]*- -- -» [ KLgl “ — *■ [ lfii3 f"
The nuniber of complex species in each series depends upon the 
coordination number of the moral and the individual complexes 
may be cationic, neutral or anionic. The particular complex 
species existing in any solution depends upon conditions such as 
pH and concentration and usually some are particularly unstable 
and others insoluble.
3^ 0*3
Most of the previous work with this type of complex lias
■been carried out on individual species rather than on the general
properties of this type of ligand and this is particularly true
in the case of the tervalent metal complexes that are of interest
in the work described here.
In the case of perchlorate it is still true that complexes
of this sort can be formed but the anion does not act readily as a
donor group and the examples which have been established are not very
stable, Duval (l) has prepared pentammino cobalt (ill) complexes
with various oxyhalogen anions , including perchlorate, occupying
the sixth coordination position, A number of simple mcta.1 perchlorate
complexes have been studied but not many with tervalent metals.
Sutcliffe and Weber (2) have postulated the cationic complex
[CeC10^_]++ and Sutton (3) obtained evidence of a similar ion with
ferric iron [FeCIO,]++. No cases seem to have been claimed where
the perchlorate occupies two coordination positions and this is
unlikely in view of the ionic charge of «1.
Similar comments apply to the use of nitrate as a
complexing ligand, Jorgensen (4) has described the preparation of
nitrato pentammino cobaltic complexes and later workers (5) have
described other nitrato cobaltammines [Co(NH )_(N0 ) ] and
5 3 3 3
[Co(NH«).(NO ) ]", As with perchlorate, the tervalent metal 
^ o 2
complexes which have been investigated are limited to those with
cerium and iron. Connick and Mayer (g ) have described the ion
[Ce(HOs) T* and Xbers and Davidson (7) and Sykes (8) the ion
fce(NC) ) > +. No examples of nitrate acting as a bidentate ligsnd 
3
have been established but the possible occurrence in some nitrato« 
complexes has been suggested (9). The reaction between RuO^ . and 
dry nitric oxide in carbon tetrachloride gives rise to a compound 
with the formula ^2^6^15* •^rorri "that this compound is
diamagnetic and from infra red spectra and bond distance measure-* 
ments, Fletcher (9) suggests that the structure involves bidentate 
nitrate groups and compares this with UO^NO^),, for "which he 
proposes also bidentate nitrate ligands.
The complexing auction of orthophosphoric acid is very 
well established and a number of workers have studied the complexes 
formed with tervalent metals. The orthophosphate group can act 
either as a simple or as a bidentate ligand but the latter is far 
more common, particularly in the simpler metal complexes. It has 
also been shown clearly by work on the cobaltammine complexes.
Miss Daniel (10) a.ttempted by various methods to prepare phosphate^ 
cobaltammine complexes, that is, compounds with the phosphate group 
attached directly to the cobalt (ill) atom. She succeeded in 
preparing only phosphat o-*tetrammine compounds with the phosphate 
group occupying two coordination positions and was unable to isolate 
any phosphato^t r iammincs or pentammines which would have involved
phosphate groups occupying one coordination position only. Further** 
more, it has been shown with many systems of this sort that there 
are never more than three phosphate groups per metal atom.
The fact that soluble complexes are formed vdth ferric 
iron is apparent from the observation that orthophosphoric so id is 
able to decolorize ferric chloride solutions and this system has been 
studied by a variety of methods. Most of the possible types of 
complex ions have been suggested. Thus Y/e inland and Ensgraber (ll) 
reported the complexes jFeCPO^gj and |"H^Fe(PO^)^j using the
as ligand. Lan&ford and Kiehl (12) and Banerjee (13) put forward 
formulae such as [FeHPO^ _] + and [Fe(EPQ^)g] using the HPO^” ion 
while Jensen (14) uses the ion in his suggested [FeHgPO^]^+
complex.
More recent work indicates that the complex differs in the 
presence or absence of a strong mineral acid. Some authors, for 
example Dede (15) have suggested the format ion of mixed anion 
complexes such as H Fe(PO^)Cl^ but Salmon (16) has shown that 
such mixed chlorophosphate or nitratophosphate complexes are not 
formed, even in the presence cf considerable amounts of chloride 
or nitrate. Salmon and co-workers (l7) conclude that the species 
[FeCHPO^)^]^ and possibly [FeCPO^)^]6” exist in solutions containing 
iron(lll) and phosphate only but that the cationic complex [FeHPO^_]+ 
is present in solutions containing ferric chloride and phosphoric 
acid.
*’11°
Aluminium phosphate complexes have been studied quite 
extensively. Bjerrum and Dahm ( is )  obtained evidence for the ions 
[ Al(HgP04)]2+ [iil(HgPO )g]+ and Al(li2P0^)3 . Jameson and Salmon 
(19) showed that, as with iron, anionic complexes [ Al(liPO^) J  
and [Al(HPO ) I*” exist in solutions containing aluminium and
vt 2
phosphate only while Salmon and Wall (20) showed that cationic 
complexes such as [ AlCH^PO^)] ,[ Al(HgPO^) J  + and [ Al(HPO^)] + 
may exist in solutions containing chloride.
At low phosphate to metal ratios, there is evidence (2l)
2+
that binuclear species exist. These are of the type [ Alg(PO )(OIl)] 
[Fe2(F04)(0H)] and [ 5'q2(HP04)(0H)] and are assumed to have a 
bridge structure.
1-
PO,
M  CT M ‘
■ OH
Other tervalent metals which have been investigated 
include chromium (22.23) with evidence of [ Cr(pO^)g and 
[ Cr(HPO^) X ) indium (23.24-) with evidence of [ In(HgPO^)J ** and 
[ In(HPO^)^) and cerium (25) with studies of the complex | CePO^J.
The use of arsenate as a ligand has received less attention. 
Chukhlantsev (2G.27) has studied the iron(lll) and aluminium 
systems and has shown the existence of a soluble neutral species. 
Baumgartcl (28) has shorn that the same is true with chronium(lll) 
and. Lukaszewski, Redfem and Salmon (29) have shown that this metal
-12-
forms, in addition, cationic and anionic species.
Sulphate is well established as a complexing ligand and 
can occupy one or two coordination positions but the latter is less 
well known. In addition, as shown originally by Werner (30), 
sulphate can act as a bridge as, for example, in the compound,
(Iffl )4Co Co (NH3)4
so4
013
A number of tervalent metal complexes have been reported. Thus, the 
species '[FeSO^ _]+ lias been studied by Whiteker and Davidson (3l) and 
by Sykes (-32) and the corresponding complex with indium by Sunden 
(33). A number of workres and particularly Spedding and Jaffe (34) 
have ca.rried out studies on the rare earth sulphates.
Studies of the complexes formed by the selenate ion are 
very limited and arc restricted to those of a few bivalent metals 
but its properties appear to be comparable with those of sulphate.
It may however show a greater tendency to form complexes in which it 
occupies two coordination positions.
Many techniques have been used in the study of these 
complex systems including measurement of various electrical properties, 
thermal properties, spectra, magnetic properties ion exchange and 
nuclea.r magnetic resonance. Where evidence has been obtained for the 
existence of a particular complex species, it has often been obtained 
by more than one method although agreement has not always been so
- 13-
in the case of the values of stability constants derived by different 
methods. It has been shown clearly that conditions are most 
important and that the presence of other anions may result in the 
formation of a different complex but it does seem to be true that, 
under identical conditions, similar complexes or at least complexes of 
similar charge will be formed by different metals with the same anion.
Correlation of complex stability -with structure
The tendency for a metal atom and a ligand to combine 
increases with an increase in the electron affinity of the metal and 
with an increase in the proton affinity of the ligand. The stability 
of the resulting complex will depend upon the size and electronic 
configuration of the ligand. Many attempts have been made in the 
past to correlate the stability of the complexes with these various 
factors but the number of variables involved makes the problem a very 
difficult one.
Considering firstly the complexing power of the ligand, 
this will vary with different donor atoms. However, in this work, 
the metal atom was linked, in all ecses, to oxygen atoms from oxyacid 
anion ligands and this variable did not arise to any marked extent
■yv j
but the electronegativity of the oxygen in XO^ will vary to some 
extent v/ith X. The molecular structure of the ligaad is important. 
Ring systems formed with polydent ate chelating ligands are more 
stae..;./e 1-j.u:..a oeao-eo. ih.3.s is an on^iepy effectj
it is easier to form a corrplete molecule from a few parts rather than 
from a large number. The size of the ring is also important, five 
or six membered rings being the most stable and such rings are found 
in the corrplexes formed between metals and most organic polydcntate 
ligands.
Most of the work carried out in the past has been concerned
*•-•15”
with organic ligands forming such fivo or six membered rings and 
usually -with bivalent metals since those form a vide range of stable 
complexes and a large enough number arc available to enable series 
of experiments to be devised showing a steady variation in ionic size, 
electron configuration or in other properties. Four membered rings 
arc comparatively rare and, in inorganic compounds, are limited to 
polynuclear types and to complexes formed between metals and oxy&cid 
anions such as carbonate, sulphate or phosphate. Both of these types 
were described first by herner (do). Although individual examples of 
of these complexes with various metals have been studied, very little 
comparative work has been carried out with inorganic ligands of this 
sort.
Mellor and Haley (57.58) showed that the stability of 
bivalent metal complexes was in the order,
.and that this seemed to bo true for a variety of ligands. Those 
authors pointed out that the stability decreased with increasing 
basicity of the metal, that is, it increased with an increase in 
tendency on the part of the metal to form covalent bonds. Irving and 
williams (39) plotted the logarithms of stability constants against 
atomic numbers for the metals of the first transition series and 
obtained a maximum for copper,
calo*-'1
This again was found to bo true for a. wide range of complexes and 
suggested that the use of d orbital electrons on the metal favoured 
stronger bonding in the complexes.
There havo been numerous attempts to correlate complex 
stabilities with the ionization potentials of the metals. Calvin and 
Melchior (40) showed that a plot of the second ionization potentials 
against atomic number for the different bivalent metals resulted in 
the order,
Co <Hi <Cu/ Zn
and Irving and hiIlians (4l) extended this idea and showed that tho 
order of ionization potentials and complex stabilities was,
These authors point out that the strongest bonds will be formed with 
those metals which accept the donated electrons most readily and they 
suggest that the second ionization potential is a measure of this 
readiness of acceptance. Ackermann, Pruo and Schwarzohbach (42) 
suggest a similar correlation but prefer to use the sum of the first 
and second ionization potentials.
Irving and williams point out also that many factors may 
disrupt this order of stabilities, one being the use of ligands 
which are not conjugate bases of weak acids, using the Lewis 
definition of acids and bases. This will, in fact, be an important 
factor when considering inorganic oxyacid ligands.
<=>1'] Cl
Other authors, for example, Van Uitert and Douglas (43) 
used electronegativities instead of ionization potentials and plotted 
logarithms of stability constants against electronegativities for 
complexes of a range of meta.ls with a common ligand and obtained 
linear relationships. The electronegativity, defined by Pauling (44) 
as the power of an atom to attract electrons to itself, would 
certainly seem to be as useful as ionization potentials for this 
purpose providing that the electronegativities of the elements 
concerned can be measured accurately.
Correlation with the charge and radius of the metal ion has 
been studied also, When there is little tendency to form covalent type 
bonds, the complex stability increases with a decrease in the ionic 
radius. This has been shown to be true for the dibenzoyl methanate 
complexes of monovalent metals by Femelius and Van Uitert (45) who 
obtained the order of stabilities,
Ag^ > Tl) L±y Na^> K> Hb) Cs 
■while Williams (46) obtained the same with the non=»transifcion divalent 
metals,
Mg'S Ca^ > Sr) Ba) Ea 
Using the acetylacetonate complexes of the tervalent metals, Izatt, 
Femelius, Haas and Bloch (47) showed that the same rule applied,
Fe1) Ga) Al) Sc) In') X) Pr) Ce) La 
and could be extended to the rare earth metals.
e^lQ*^
For dons of approximately the samo size, the stability 
increases with the charge as shown by G-rinberg and Yatsimirskii (48) 
who obtained the order,
Na(Ca( Y  <Th and K (Sr (La
Many authors have attempted to correlate stability of complexes 
with the ratio of charge/radius for the metal ions. In fact, it 
has been shorn by B o m  (49) that the energy of solvation of gaseous 
ions is given by the expression,
E = §r (l - £)
where D is the dielectric constant of the solvent, r is the radius
of the ion and e is the charge on the ion. On the basis of this, it
is better to compare the stability constants with e /r rather than
e/r. This has been done by a number of workers with various series
of metals. For example, Mart ell and Plumb (50) used the ethylene*-*
diaminetetra^acetic acid complexes of the rare earth metals. In most
cases, the stability was found to increase with an increase in e/r 
2 /or e /r or, where all the ions under consideration had the same 
charge, with l/r.
Nevett (5l) carried out a series of experiments to compare 
the stabilities of soluble hypophosphate and, where possible, 
orthophosphate complexes of biva.lent metals using similar techniques 
to those used in this work. He showed that, with both transition
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and non-transition "bivalent raotals, there was a greater tendency 
for soluble complexes to "be formed with hypophosphorio acid than 
with orthophosphoric acid. In the case of the non-transition 
metals, the degree of complexing with both acids was shown to be in 
the expected order,
Be)> Mg^ Ca) Sr^ > Ba 
Tilth the transition metals, the evidence was less conclusive and 
most of these formed soluble complexes with hypophosphorio acid 
only and over a limited range of acid concentrations.
The above survey covers a very wide field and. the 
references quoted are merely illustrative and not, in any way, 
comprehensive as can easily be seen from more detailed reviews of 
this subject (52.55.54,55). As a final point it should be noted, 
that the formation of any complex and especially those with chelate 
rings, can be subject to steric hindrance effects if atomic sizes 
or molecular structures are unfavourable and this will be 
particularly true with the comparatively small four membered 
ring systems.
* # >;* *
2. Scope of the work
It is apparent from the first section of the preceding 
historical review that soluble complexes are formed between tervalent 
metals and inorganic oxyacid anions. However, very little general 
comparative work has been carried out, either with different anions 
or with different metals. As indicated in the second section of the 
review, much work has been done in attempting to relate complex 
formation with various parameters of the metal ions and of the 
anions but again, comparatively little has been done in this respect 
with either tervalent metals or with the simpler inorganic oxyacid 
anions.
One obstacle is that these systems arc far more difficult 
to study than, say, the bivalent metal complexes with organic 
ligands. However, it was felt that much useful comparative work 
was possible without a full study of each individual system and that 
it would be sufficient to have a measure of the degree of couplex 
formation between the various metals and anions under identical 
conditions. This was done using an ion exchange technique and, where 
possible, a pH titration technique. The degree of complex formation 
was assessed in terms of its effect on the ion exchange equilibrium 
of the cation involved but the type and charge of the complex species 
ha.ve not been determined directly in the present work. In general, 
this is known from previous studies.
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The scope of the work was made to include a number of 
tervalent metals selected to cover a wide range of ionic radii, 
aluminium, erbium, indium, iron, lanthanum, neodymium, scandium, 
titanium and ytterbium. The anions used included those with central 
atoms from Groups V and VI of the Periodic Classification, perchlorate, 
nitrate, orthophosphate, arsenate, sulphate and selenate. From the 
results it was hoped to show some connection between complexing 
power and parameters of metal, anion or both. In particular, it was 
felt that there might be a relation with the ionic radius and that, 
with the anions forming four membered ring type complexes, too large 
or too small a metal ion would tend to require ring distortion or 
strain and there would therefore be an optimum metal radius giving 
maximum complex formation.
* $ $ $ *
5. Ionic radii
It is not easy to obtain a definite value for the size or 
radius of an ion. The term, ionic radius, is a somewhat vague one 
since the sphere of influence of the extranuclear electrons associated 
with the ion extends indefinitely and any value of ionic size must 
depend very much upon the conditions under which it is measured.
As a result, there are available a number of more or less complete 
tables of ionic radii obtained by different methods and, in some cases, 
differing widely from each other. The various methods of measurement 
for atoms and ions have been reviewed by Stem and Amis (56) and 
these authors have discussed the various conditions and the effect that 
these will have on the values obtained. For the purpose of the present 
work, the radii required are those of the noil-hydrated ions which, 
if such a state were possible, are available for reaction in dilute 
aqueous solutions. It may be expected therefore, that the results 
obtained from measurements made on solutions rather than those made 
on crystals will be more applicable.
Such methods are based usually on measurements of free 
energies, entropies or heats of hydration (57). The radius of an ion 
in solution is related to the number of solvent molecules, or of any 
other ligand which has become attached to it and also to the strength 
of the bonus involved. An equation based on this idea and relating 
the ionic radius to the heat of hydration was put forward first by
.=23-
B o m  (58) and several modified versions have “been proposed by later 
workers (59.60*61). The most recent report on this subject, which 
is also in the nature of a review, is by Mischtschenko (62).
A second approach to the problem is to determine the ionic 
radius by direct measurement on a suitable crystal. Such measurements 
can be ms.de very accurately from electron density maps drawn from 
the results of X-ray diffraction experiments. The main difficulty 
again is that the measured size of an ion varies with its environment 
and with the crystal lattice in which it is situated. There are a 
limited number of crystals in which the metal is completely ionic 
and which are suitable for measurements of this sort. Various sets 
of these crystal radii have been put forward, ba.sed usually on a few 
accurately measured values, the remainder being calculated using a 
suitable equation. These radii arc additive in the sense that they 
may be used to predict inter-ionic distances in crystals.
hasast jema (63) derived a short table of radii by assuming
that the molar refraction was proportional to the ionic volume and
applying this to observed inter-ionic distances in crystals. This
series was revised and greatly extended by Goldschmidt (o4) who based
his set on the values 1.33A for F and 1.32A for 0^ . Later workers
2—have revised some of these results a.gain using 1.4QA. for 0 and 1.36A 
for F • Zachariasen (o5) has produced a similar set of semi-empirical 
radii using a different equation taking into account the coordination
~ 2 4 ~
number of tho motal and the intern-electronic repulsions.
Pauling (66.67) used a somewhat different approach. Ho 
deduced a semi«empirical set of radii for ions in crystals with a 
sodium chloride lattice and used as a basis, the observed inters ionic 
distances in NaF, KC1, EbBr, Csl and LigO. For the remainder, he 
assumed that the radius was proportional to the charge on the nucleus 
which leads to the equation,
Z « S
where is a constant derived from the principal quantum number of the 
outer electrons, Z is the nuclear charge and S is a screening constant 
derived from X<-ray measurements and quantum mechanical calculations.
In this way, Pauling derived an additive set of crystal radii 
and a non-additive set of univalent radii which the ions would 
possess if they retained their electronic configuration but were 
univalent. Pauling’s values have been modified by Stockar (68) who 
recalculated the crystal radii and included many others to give a 
very complete set and ib is these values which ha.ve been used for the 
present work.
Kapustinsky et al (89) have given an equation relating the 
crystal radius of an ion to its non-hydrated radius in solution.
^sol. ^cryst. + ^
The constant (3 was evaluated as +0.28A, the positive correction being
~ 25~
used for cations and the negative correction for anions. By a 
different method, Mischtschenko (70.71) obtained p as a complex 
function with an approximate value of _+0.25A and, on this basis, 
points out that the sizes of ions in crystals and in solution are, 
in fact, very similar.
Thus, although the values of ionic radii obtained from 
solution measurements would appear to be more applicable to the present 
work, tables of these are very incomplete and greater accuracy is 
attained by using the comprehensive set of crystal radii calculated 
by Stockar.
Ionic Radii
Metal (tervalent) Radius (A
Aluminium 0.51
Brbium 1.03
Indium 0.81
Iron 0.72
Lanthanum 1.16
Neodymium 1.14
Scandium 0.81
Titanium 0.79
Ytterbium 1.05
# * :Je *5s sjs
4. Ion Exchange Resins
A large number of the experiments carried out in this 
work included the use of cation exchange resins and, since a wide 
variety of these resins are available commercially, some care is 
required in choosing the type best suited for a particular 
application.
The resins consist of an inert polymer matrix with attached 
acidic groups that include the labile ion taking part in the exchange 
reaction. Cation exchangers may be divided into two main classes, 
strongly acidic and weakly acidic, depending upon the nature of the 
functional group. Thus, the matrix may consist of polymerised 
styrene cross-linked with an unsaturated compound such as divinyl 
benzene. With attached sulphonic acid groups, this gives a strongly 
acidic cation exchanger. Alternatively, the matrix may be polymerised 
methacrylic acid again cross«linked with divinyl benzene or a similar 
compound and, in this case, the carboxylic acid groups from the 
methacrylic acid form the exchaige centres and give rise to a weakly 
acidic cation exchanger.
In all cases, the preparation and quantities may be varied 
to give a lightly or a highly cross-linked resin. Also the resin 
is made by a process of suspension polymerising (72) and is obtained 
in the form of spherical beads, the size of which may be varied.
As a result, there are available strongly acidic and weakly acidic
cation exchangers with various degrees of cross*linking in the matrix 
and in various ranges of head sizes.
Resins may he regarded as insoluble acids or, when in the 
metallic form, as insoluble salts. A strongly acidic cation 
exchanger resembles a strong acid and is ionized over a very wide pH 
range. Such a resin can be used over this pH range without change 
in the ion exchange capacity,,exchanges rapidly and gives stable salts. 
Regeneration of the salts to the acid form resin rquires an excess 
of strong acid. A weakly acidic resin, on the other hand, behaves 
more like a weak acid and is ionized appreciably only under alkaline 
conditions. It can be used only at pH values greater than 7 and the 
exchange rate and capacity increase with an increase in pH. The salts 
are not very stable, tend to hydrolyse on washing and are converted 
readily to the acid form.
The experiments in this work consisted in bringing the 
metallic form resin to equilibrium with acid solutions at various pH 
values and analysing the resin and solution. Since acidic conditions 
were Used and stable metal forms of the resin which could be washed 
were essential, only the strongly acidic type of cation exchanger 
was applicable.
The bead of resin may, in many ways, be regarded as a giant 
molecule of an acid or salt. Tvhen in contact with water or a solvent, 
the resin will swell but the cross-linking between the polymer
chains prevents them from dissolving (73). The precise degree of 
swelling is determined by the relative concentrations of ions inside 
and outside of the bead. The system may be compared with that of two 
salt solutions separated by a membrane impermeable to one of the ions 
as treated by Donnan. In this system there will be an osmotic effect 
if the two concentrations are different. The resistance to swelling 
d.ue to this osmotic pressure offered by the bead depends upon the 
degree of the cross-linking (74).
The rate of exchange is dependent on one or both of two 
diffusion processes which take place. These are 'film diffusion’, 
that is diffusion of the exchanging ions through the liquid film 
immediately adjacent to the resin bead and ’particle diffusion’ or 
diffusion of ions within the bead (75). Particle diffusion becomes 
important only when very concentrated solutions, very highly cross* 
linked resins or large organic ions are involved. With the solutions 
used for these experiments, the simple metallic ions were quite small 
and the concentrations were not high. The degree of cross«linking 
chosen involved a compromise, since this had to be not so high as to 
affect the rate of exchange and not so low as to cause excessive 
swelling which is a nuisance especially for column work.
The bead size selected was also based on a conpromise.
For column work, small beads pack together very well, although if 
too small, the rate of flow becomes very slow, whilst for batch
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expc-riments in a flask, small "beads tend to float and stick to the 
sides. The best resin generally was found to be the cross«linke& 
polystyrene sulphonic acid type, ZeoKarb 225, with approximately 
8fo cross-linking and a bead size range of 20 « 50 mesh when dry.
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PART II. TECHNIQUES AND PROCEDURE!
1, Ion Exchange Experiments Theory?" of batch equilibrium 
experiments. Preparation of hydrogen form resin. Preparation 
of metal form resins. Experimental procedure. Experiments 
with tervalent titanium.
2. pH titrations Theory of pH titration experiments. 
Preparation of solutions. ’ Experimental procedure.
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metric analysis. Applications of the technique.
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1. Ion Exchange Experiments.
Theory of "batch equilibrium experiments. An ion exchange batch 
technique was used in which a known weight of cation exchanger in 
the metal form was allowed to come to equilibrium with a fixed 
volume of acid of known strength. ■ Prom the results of these 
experiments, it was possible to show whether or not complex formation 
between the metal and the acid had taken place and, if so, to determine 
approximately the extent to which it had occurred.
An equilibrium was established between the metal ions and 
the free hydrogen ions as represented by the equation,
where barred formulae represent ions in the resin phase. In the 
case of an acid of ■which the anion does not act as a ligand, this 
represents the final equilibrium conditions but, if complex formation 
takes place, a further equilibrium is set up.
solution and a consequent displacement of the first equilibrium to 
the right.
Thus, if such batch equilibrium experiments are carried 
out with the acid under investigation and, under the same conditions,
M*+ + xH+
where L is the acid anion acting as a eomplexing ligand. This 
results in a drop in the effective concentration of MX+ ions in the
ywith an acid which is known not to form complexes with the cation 
under consideration and, if in each ce.se, the amount of metal removed 
from the resin is determined, it should "be possible to show whether 
or not coirplex formdaon is taking place. Furthermore, the difference 
in the amounts of morals removed "by the two acids provides a qualitative 
measure of the degree of complex formation.
In the experiments carried out in this work, 0.500g. of a 
wide range of metal form resins were used together with 50ml. of acid. 
Perchloric acid was used as the non^complexing system and compared 
with nitric, phosphoric, a.rsenic, sulphuric and selenic acids, a 
range of concentrations being used in each case.
Preparation of the hydrogen form resin. Commercial ion exchange 
resins are subject to variations as materials and manufacturing 
techniques are improved and such changes can alter appreciably the 
properties of the resin, in particular, the affinity towards different 
cations. To avoid such errors, a largo batch of about 20Og. of resin 
was cleaned and used an a stock for all the experiments. The resin 
was obtained in the sodium form and had to be converted first to the 
hydrogen form by eluting in large columns with an excess of 2N 
hydrochloric a.cid. This treatment served also to remove metallic 
impurities, notably iron, which were present.
Vs/hen no iron could be detected in the effluent with
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potassium thiocyanate solution, the resin was washed with distilled 
water until no chloride could be detected with silver nitrate solution. 
Finally it was air dried at room temperature. As explained earlier, 
the resin used was ZeoKarb 225 with a nominal ten percent cross- 
linking and 16 to 50 mesh bead size range.
Preparation of the metal form resins. The conversion of the 
hydrogen form resin to the various metal forms was carried out, in all 
cases except that of titanium, by treating batches of about 15g. in 
columns of a suitable size with excess of 0.1M solutions of the 
metal chloride or sulphate. Analytical grade reagents w/ere used 
and a twofold excess of metal icns, calculated on the basis of a 
capacity of 4- to 5 milli-equivalents of metal per gram of resin.
The column of resin was then washed with distilled water until no 
traces of free metal ions could, be detected, in the effluent.
Finally, the resin was filtered and left to dry exposed to the 
atmosphere. The different technique which was required for the 
preparation of the titanium form resin is described later.
Two 0.5g. samples of each metal form resin were weighed 
out, placed in small columns and eluted with 250ml. of 2N hydrochloric 
acid. The acid, solutions w/ere evaporated dow/n and analysed for the 
metal giving the total metal present on the resin. The same 
samples of resin, now/ in the hydrogen form, w/ere w/ashed w/ith
distilled water until completely free from chloride and transferred 
to conical flasks. 50ml, of saturated sodium sulphate solution was 
added to each when the vast excess of sodium ions displaced the 
hydrogen ions from the resin into the solution.
H+ + Na+  Na+ + H+
These solutions were titrated with sodium hydroxide solution
( standardised against potassium hydrogen phthala.te) using phenol 
phthalein indicator. This gave the hydrogen ion capacities of 
the resin samples when weighed in-the.metal form. Agreement 
between the metal and hydrogen capacities as obtained in this way 
showed that the resin had been converted completely to the metal 
form.
Experimental procedure. For the batch experiments, 0.500g. of 
the metal form resin was weighed cut into 15Cml. conical flasks 
and 50ml. of the acid added. The flasks and contents were allowed 
to stand at room tenperature (20°C.+3) until equilibrium had been 
reached. Preliminary experiments had shown that, at this temper^ 
ature, equilibrium was reached after 2 to 3 days but, to be quite 
certain, all the batch experiments were left for 7 days. In ord.er
to avoid the development of concentration gradients near the resin
beads, the flasks were shaken gently from time to time.
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This procedure was carried out with the aluminium, erbium, 
indium, iron, lanthanum, neodymium, scandium and ytterbium forms of 
the resin, in each case with perchloric, nitric, phosphoric, 
arsenic, sulphuric and selenic acids* Bach acid was used at four 
concentrations (pH values 0.25, 0*50, 0.75 and 1.00). The pH of the 
acid was measured rather than the molarity or normality since this 
represents a more direct measure of the hydrogen ion concent rat ion. 
At the acid concentrations used, it was assumed, as a reasonable 
approximation, that the activity coefficients were not too widely 
separated.
After the 7 days, either the solution or the resin was 
analysed for the metal, bhere the acid anion did not interfere 
with the determination of the metal, 25ml. of the solution was drawn 
off with a pipette and analysed. In cases where the acid did 
interfere, the resin was filtered off and transferred to a small 
column. It was washed with about a litre of distilled water or 
until there was no trace of the acid in the effluent and then 
eluted with 25Qml. of 0.1N hydrochloric acid. The acid solution 
was evaporated down to a small bulk, but not to dryness, and 
analysed for the metal. The total metal originally present on the 
resin was known and hence the amount removed could be obtained by 
difference. Full details of the actual analytical methods are 
given in a later section.
Titanium experiments. A completely different technique had to 
be employed to carry out comparable batch experiments with the 
tervalent titanium form of the resin. Titanous salts and the 
titanous form of the cation exchanger are unstable and, when in 
contact with air, there is immedia.te oxidation to std) le titanium 
dioxide. Similarly, solutions of titanous salts are unstable, 
hydrolysis and oxidation occurring again giving finally titanium 
dioxide although, if the solutions are a.cidic and concentrated, 
the reaction is quite a slow one. The apparatus shown in Diagram 
I wan used for the experiments. This enabled all the work to be 
carried out under nitrogen, the only solution in contact with air 
being the strongly a.cidic titanous chloride solution.
The apparatus consisted of a rea.ction vessel A ( approx^ 
imately 150ml. capacity) fitted with a nitrogen inlet tube 3, a tap 
funnel C (100ml. capacity), a tube containing resin D and an outlet 
tube E. The tube D was loaded with 0.500g. of the hydrogen form 
resin held between w o  plugs of glass wool. One end was fitted Ydth 
a rubber cap carrying a glass plunger as shown and a side arm 
leading, via a Y-tubc, to two burettes F and G-.
The apparatus was filled completely -with water and this 
displaced with nitrogen thus expelling all air from the system.
Pure boiled distilled wader wa.s used for all the work and pure 
anhydrous titanous chloride as the source of tervalent ’titanium.
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Burette F contained 0.1N titanous chloride in normal hydrochloric 
acid, which solution was stable. Burette G- contained distilled 
water and, for eluting the resin, about 10 parts of water were 
allowed to mix with one part of titanous chloride solution by 
suitable adjustment of the burette taps. Under these conditions 
the resin was converted successfully to the titanous form. It was 
then washed thoroughly with distilled water. The effluent from 
these operations collected in the vessel A and was driver, out 
from time to time with nitrogen. 'When the metal form resin had 
been prepared, the reaction vessel A was washed out repeatedly 
by adding water from the tap funnel and driving this out with the 
nitrogen.
To determine the total titanium(lll) on the resin, 0.500g 
samples of the hydrogen form resin were converted a.s described 
and washed. They were then stripped completely of metal by 
eluting with excess 2N hydrochloric ’ acid. The acid effluent was 
allowed to run directly into excess ferrous sulphate solution 
for analysis. All batches of resin were converted to the titanous 
form in exactly the same way using' the same quantities of materials
For the actual batch experiments, the converted washed 
resin was pushed into vessel A with the plunger and 50ml. of the 
appropriate acid added via the tap funnel. After the 7 days 
contact time, 25ml. of the solution was extracted with a pipette
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and transferred to a flask containing excess ferrous sulphate 
solution. The hatch experiments with titanium could he carried 
out only with perchloric, nitric, phosphoric and sulphuric acids. 
.Arsenic and selenic a.cids were reduced immediately hy the easily 
oxidised tervalent titanium.
3jS
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2. pH Titrations.
Theory of pH titration experiments* As a second method of
studying complex^forma tion, a series of pH titrations were carried 
out with, as far as possible, the same acids and range of tervalent 
metals. The results obtained by this technique served to support 
and verify tnose obtained from the corresponding ion exchange 
batch experiments.
As with the ion exchange experiments, results from the pH 
titrations may be used to show whether or not complex formation is 
taking pla.ee and, if it is occurring, to give a rough estimate of 
the extent.
If an acid is added to a completely non-reacting system 
such as water or a solution of a non«reactive metal, the pH will 
drop in a uniform manner as a result of the acid dissociation,
h(„,,x)lX* +
where L is the acid anion and x will usually vary with the concent 
tration. If, however, there is present in the solution some metal 
ions which complex with the ligand L, the system becomes more 
complicated and the release of hydrogen ions is quite different.
Using orthophosphoric ctcid and a tervalent metal as 
examples, complex formation may take place and one or more of the 
equilibria may be established. The phosphoric acid can ionise
The different anions produced may react with the metal ions,
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a. Reactions involving the anion j^ KgPO^ j
M
.5+ | 2/l(H2F04)
12+
[M(H2P°4)g
[lS(H^04)sj°
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b. Reactions involving the anion !h p o„!
M.5+ m(hpo4)|+ [m(hpo4)2f T-I
K j ;
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c, Reactions involving the anion
M
P +
MPO4
Tiiihich of these equilibria is., in fact, established depends upon 
the absolute concentrations of the acid and metal ions and on the 
relative concent rat ions of each component. However, from previous 
work it is known that some complex ions arc more likely Id be 
formed than others and this point will bo discussed in greater 
detail later,
with a complicated system of this sort, far more 
information would bo required for any quantitative estimate of the 
degree of complex formation to bo obtained from the change in pH,
ca4r2c ’
If however, the pH titrations are carried out with a metal that 
is known not to form a complex with the acid "being studied and 
then repeated, under identical conditions, with other metals, any 
alteration in the rate of change of pH may he taken as evidence 
of a. complex reaction.
In the present series of experiments, potassium was used 
as the non^complexing metal and wan compared with aluminium, erbium, 
indium, iron, lanthanum, neodymium, scandium and ytterbium.
Perchloric acid wa.s used in each case as a non^complexing acid 
and was compared with nitric, orthophosphoric, arsenic, sulphuric 
and selenic acids. The titrations were also carried out with 
titanium(lll) but, as with the ion exchange experiments, only in 
limited cases. In fact, titanium solution could be used only with 
perchloric, nitric and sulphuric acids. There was immediate reduction 
with arsenic and selenic acids and almost immediate formation of 
a phosphate precipitate with orthophosphoric acid.
The results of the pH ti brat ion experiments can be 
expressed graphically in several ways but all show the charge in 
hydrogen ion concentration as the acid is added to tho metal 
solution. Thus if L is the acid anion and M is the metal, tho pH 
may be plotted against [l J/[m ] or better, |h  | plotted against 
[L |/SM! • A third possible plot which shows tho variations clearly 
is tho ratio [Hj/jMj against [L]/jM j where,
and [h j and fHj are the hydrogen ion concentrations at the point 
of measurement and at the commencement of the experiment 
respectively.
The type of graph obtained with these results is shorn 
in Diagram 2. Type A is obtained with a non^complexing system 
and type B if complexing is taking place. In the simplest case, 
curve B would be a combinat ion of two straight lines meeting at 
x as shown , the first line corresponding to the complex formation 
and the second to the normal ionization of.tho acid. The second .
should be parallel to the non-’complexing graph A. In practice
the point x is not clearly definable and often the whole graph is
curved as a result of more than one complexing reaction taking
place simultaneously.
Preparation of solutions. Ideally the metal solutions used in 
these titrations should contain only non«comp lexing anions such as 
perchlorate. However this would not be easy to achieve in some cases 
and, as a reasonable compromise, all the metals were used as a 
solution of the chloride.
In order to obtain as wide a range of pH measurements as 
possible, it was necessa.ry to start with the metal solution as 
nearly neutral a.s possible, Tdth an alkali metal like potassium,
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the chloride solution had, in fact, a pH greater than 5 hut, at 
tho other extreme, easily hydrolysed metals like iron and titanium 
could only ho prepared in appreciably acid solutions. In all 
cases the pH was measured on a commercial pH meter using a 
calomel electrode with a glass electrode.
The solutions were prepared either directly from the 
analytical grade chloride or by adding excess metal oxide to a 
solution of hydrochloric acid and filtering. All were used at 
approximately 0.05M concentrations, the various analyses being 
carried out by the methods described later. The acid solutions 
were all used at a concentration of approximately 0.75N and were 
ma.de up from pure concentrated acids. Again analytical methods 
are described later.
Experimental procedure. The pH titrations wore carried out in 
a small glass cylinder ( approximately 100ml. capacity). As 
shown in Diagram 3, this was fitted with a bung carrying the 
calomel electrode and glass reference electrode, a small thermo® 
meter, a micro-burette and nitrogen inlet and outlet tubes. In 
addition, the apparatus was fitted for magnetic stirring.
25ml. of the metal chloride solution was pipetted into 
the cylinder and the 5ml. micro-burette filled with the acid 
solution. The acid was then added in small portions varying 
from 0.05ml. to 1.0ml. The pH was noted at the beginning of the
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titration and after each addition of acid. As the titration 
progressed* the pH change decreased and larger increments of 
acid were added. A total volume of 10ml. of acid was used for 
each titration.
A commercial pH meter reading to 0.01 pH unit was used* 
the instrument being standradised carefully against two standard 
buffer solutions covering the expected pH range. As before* the 
experiments with titanium(lll) had to be carried out under 
nitrogen but this was not necessary with any of the other metals.
* * * * * *
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5, Complexometric Analysis
Introduction Of the eight metals investigated (Al, Er, Fe, In,
La, Nd, Ti and Yb), only iron and titanium have more than one 
comparatively stable valency state and can therefore be analysed 
by means of a redox titration. The conventional methods of 
analysis for all the other metals are gravimetric precipitation 
techniques. Since a large number of analyses were involved, it 
was thought worth while to use a titration technique whenever 
possible and the method of complexometric analysis offered such 
an alternative in most cases. There are however limitations to 
the use of this technique and it could not be used at all in some 
instances. In others, it was necessary to modify published methods 
or to develop new ones and to check carefully against an accurate 
gravimetric method to determine the correct conditions for accuracy.
Theory of complexometric analysis Complexometric analysis or 
the titration of metal ions with a complexing agent is a subject 
of comparatively recent origin, dating back some fifteen j^ ears to 
1945. Originally it achieved prominence as an elegant method for 
determining the calcium and magnesium contents of water but has 
been applied since to the analysis of most metals and anions. It 
is a simple titration procedure and can be applied, in most cases, 
to concentrations of 0.01M or lower.
The underlying principles are, in many ways, analogous
to those of acid "base titrations. In an acid hase titration, the 
concentration of H+ or OYT is altered and the change is followed 
either "by some physical method or with a coloured chemical 
indicator* Similarly, in a complexometric titration, the 
complexing reaction results in an alteration in the concentration 
of free metal ions and the change is followed either "by a physical 
method or with a coloured chemical indicator which is sensitive 
to the metal ion. The concentration of free metal ions is 
expressed conveniently as a pM value analogous to pH.
pM = »log1Q if1-1-
If a complexing reaction of this sort is to he applicable 
to accurate analysis, it must fulfil the usual requirements of 
being rapid and stoicheiometric and giving a stable and soluble 
product. For the end point to be clear, it is also necessary that 
the reaction takes place in one stage giving a 1:1 complex. If it 
takes place stepwise, as, for example, in the reaction between 
copper and ammonia or copper and cyanide, the intermediate products 
have an appreciable s^ability and it is impossible to get a definite 
end point for the reaction. It is also preferable that the complex 
be a chelate type vdth a structure involving five or six membered 
rings. Such a ring structure brings about an enhanced stability 
in compounds of this type, a phenomenon often referred to as the
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‘chelate effect'. Many aminocarboxyiic acids possess all of these 
requirements and, in particular, ethylenediaminetetra«acetic acid 
lias proved to be extremely useful for titrating metals in this way.
It forms stable and soluble 1:1 complexes with a wide, 
range of metal ions, the structures of which involve a number of 
five membered rings. The structure of the octahedral complex 
formed between EDTA and a number of metals is shown in Diagram 4.
Metal ions may be titrated with EDTA either directly or 
indirectly by addition of an excess of standard EDTA solution 
followed by a back titration with a standard metal solution, usually 
zinc or magnesium. As many of the titrations have to be carried 
out under alkaline conditions, this latter indirect technique is 
very useful for metals which otherwise would be precipitated. In 
such cases, the EDTA can be added to an acid solution of the metal 
before the pH is adjusted for the titration.
End points may be detected in a large variety of ways 
including most physical methods but the commonest and mosm 
versatile method is by the use of a chemical indicator. These 
indicators are analogous to chemical pH indicators and, in fact, 
are usually sensitive to pH as well as to the metals. They are 
coloured compounds which, over a range of pH, form a complex of 
a different colour with the metal. Such complexes must be much 
less stable than the metal «* EDTA complex or they would interfere
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with the titration end point. On the other hand, they must be 
stable enough to exist in very dilute solutions without hydrolysing.
Many indicators of this sort are known and, while they 
are not usually specific for any one metal, they do tend to be 
applicable to a limited number. With a few exceptions, the metal 
indicators belong to one of two groups, those based on phthalein 
or those based on substituted azo compounds.
The theory of coraplexometric analysis is discussed 
fully in the quoted bibliography (76.77.78) but, from the brief 
survey given, it can be seen that the technique offers a possible 
alternative method of analysing most metals. From the practical 
point of view, coraplexometric titrations are simple and end 
points, although varying with the indicator, are usually good.
The pH is often critical and solutions have to be buffered 
although too much buffer is to be avoided as end points are 
invariable clearer with solutions of low total ionic strength.
The disodium salt of EDTA can, with suitable precautions, be used 
as a primary standard.
Applications of the technique There are limitations fco the use 
of complexometric analysis and, in some instances, special 
precautions had to be taken to obtain the necessary accuracy.
The metal being analysed was always tervalent and able to form 
stable and soluble EDTA complexes. With erbium, indium, lanthanum,
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neodymium and ytterbium, the indicator Erioohrome Black T could 
be used. Since this indicator is used at pH 10 when all of 
these metals would precipitate as hydroxides, the back titration 
technique was necessary in all cases.
Although aluminium and scandium form stable complexes 
with EDTA, they do so only very slowly in cold aqueous solution 
and good end points cannot be obtained with the Eriochrome 
indicator. This difficulty can be overcome to some extent by 
warming the solution and titrating while hot but this has the 
disadvantage that the indicator deteriorates rapidly under these 
conditions and accurate end points are impossible for this 
reason. It was found better to use dithizone (diphenyl-thio- 
carbazone) at pH 4*5* This indicator js not soluble in water 
but the titration can be carried out easily and successfully in 
a 50 percent alcohol - v/ater mixture. Under there conditions, 
the complex is formed rapidly and very good end poinus are 
obtained.
Since these titrations are dependent upon the relative 
stabilities of various complexes, it is to be expected that 
any anion which is able to complex strongly with the metal will 
interfere. This ?/as found to be the case with phosphoric, 
arsenic and selenic acids and care had to be taken to remove all 
traces of these anions before analysis. In fact, as described
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earlier, this problem was found mostly in the analyses of the 
solutions from the batch equilibrium experiments and it was 
overcome usually by analysing the metal remaining on the resin 
at equilibrium instead of that in the solution. Perchloric, 
nitric and sulphuric acids did not interfere in this way.
* * * * * *
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4. Analytical methods
Anion analyses. The number of acid anion analyses required 
throughout the work was relatively small and conventional reliable 
methods were used in each case. With perchloric, nitric, sulphuric 
and selenic acids, the analyses were made by titrating with a 
standard solution of sodium hydroxide using phenol phthalein as 
indicator. The caustic soda was itself standardised against 
potassium hydrogen phthalate.
This method was not very reliable with the other acids 
and phosphoric acid was analysed gravimetrically by precipitation 
with ammonium molybdate using the following procedure.
Reagents.
Ammonium molybdate solution - ammonium molybdate per 
100ml. solution.
Addition solution - 100g. ammonium nitrate + 50ml. nitric
acid per litre solution.
Washing solution - 50g. ammonium nitrate + 40ml. nitric
acid per litre solution.
Procedure.
An aliquot of the phosphate solution was pipetted into a 400ml. 
beaker, 100ml. addition solution added and the mixture warmed 
to 40°C. 50ml. ammonium molybdate solution, also at 40°, was
added dropwise, the solution being stirred continually and
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care being taken not to • touch the sides of the beaker while 
stirring. After six hours or overnight, the yellow precip­
itate was filtered through a weighed sintered glass crucible 
(No. 3 or 4 sinter) and washed with 60 to 80ml. washing solution. 
Finally it was washed v/ith a 1% nitric acid solution, dried 
at 110° for one hour and weighed after 40 minutes in a 
dessicator. All glassware was cleaned v/ith chromic acid to 
prevent sticking of the precipitate. It was found that, 
providing the times and conditions were observed rigidly, the 
precix3itate obtained corresponded accurately to the formula, 
(I®4).P04.12Mo03.
Arsenic acid was determined gravirnetrically as magnesium ammonium 
arsenate using the rapid procedure suggested by Dick (79).
Reagents.
Magnesia solution - 25g. magnesium chloride hexahydrate
+ 50g. ammonium chloride in 250ml. water. A slight excess
of ammonia was added and the solution allowed to stand over 
night. It was then filtered if necessary, 2ml. conc. 
hydrochloric acid added and diluted to 500ml.
Procedure.
3-5g. ammonium chloride and 10-15ml. of the magnesia solution 
were added to an aliquot of the arsenate solution. Dilute
~5S~
hydrochloric acid was added dropwise until all precipitate 
had dissolved. 2$ ammonia solution was then added until the 
solution was red to phenolphthalein. This was followed by an 
amount of ammonia solution ( 0.S80 s.g.) equal to one third 
of the volume of the solution and the mixture was cooled in 
ice for 1«2 hours. The white precipitate was collected in a 
weighed sintered glass crucible (No. 4- sinter) and washed 
with 2% ammonia solution. This was followed by 5 or 6 washes 
with alcohol and. the same number with ether. Again, strict 
precautions were taken to ensure that the glassware was clean. 
The precipitate was weighed as Mg.NH,.AsO .6H 0.
TT 2
EDTA metal analyses. Aluminium, erbium, indium, lanthanum, 
neodymium, scandium and ytterbium were analysed with EDTA. The 
disodium salt of EDTA, Na^Y^H^O was used as the primary standard, 
a procedure that lias been discussed by Blaedel and Knight (80;. 
Care had to be taken to dry the material at S0°C. as it begins 
to lose water at about 70°. The following reagents were used 
for the titrations.
Reagents.
Standard EDTA solution » approximately 0.02M.
Standard zinc sulphate solution « approximately 0.02M.
This solution was standardised- against the EDTA solution.
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Buffer solution for pH 10 - 7g. ammonium chloride and 57ml.
ammonia made up to 100ml. with water.
Buffer solution for pH 4.5 «=> 5.7g. glacial acetic acid and
7.7g, ammonium acetate made up to 100ml. with Y/ater.
Eriochrome Black T solution <=> 0.05g. of the solid indicator
dissolved in 25ml. Y/ater made alkaline with a few drops of 
ammonia.
Dithizone solution - 0.025g. of the solid indicator
dissolved in lOQml. ethanol.
The analysis of erbium, indium, lanthanum, neodymium and ytterbium 
and also the standardisation of the zinc sulphate solution wore 
all carried out using the back titration technique described 
below.
Procedure.
At least twice the volume of EDTA required for complete 
complexing was added to an aliquot of the metal solution and 
the pH adjusted to approximately 10 with dilute ammonia 
solution using a fey/ drops of universal indicator to show 
the correct pH. To ensure complete formation of the complex, 
the mixed solutions were yrarmed if necessary before adjustment 
of the pH. 5ml. of the pH 10 buffer solution was then added 
follcY/ed by a few drops of the Eriochrome indicator. The 
excess EDTA was then back titrated with the standard zinc
solution until the colour changed from pure blue to wine red.
A similar method was used for aluminium and scandium but with 
dithi.zone indicator at pH 4.5 and in a partially alcoholic 
medium.
Procedure,
At least twice the volume of EDTA required for complete 
complexing was added to an aliquot of the aluminium or the 
scandium solution and the mixed solutions were heated to 
about 90° for a few minutes. After cooling, the pH was adjusted 
to about 4.5 by the addition of dilute ammonia or nitric 
acid using a few drops of universal indicator to show the 
correct pH. Ton ml. of the pH 4.5 buffer solution was then 
added, followed by sufficient alcohol to make the final 
solution a 50 percent water » alcohol mixture. About 2ml. 
of the indicator m s  added for every 100ml. total volume.
The excess EDTA was then titrated with the standard zinc 
solution until the colour changed from greenish yellow to 
red.
In all of the above cases, the metal solution analysed had to be 
completely free from complexing anions including phosphate, arsenate 
and selonate. A full discussion of this method of analysis for 
aluminium is given by Wanninon and kingbom (81) and for indium 
by Flashka and Amin (82). The rare earth metal analyses were based
«59=>
on methods described by Schwarzeribach and Biedexmann (85) and 
also by Plashka. (84).
Other metal analyses. Iron(lll) was analysed by reduction with 
stannous chloride and titration with standard potassium dichromate 
solution using barium diphenylamine sulphonate indicator. 
Titanium(lll) m s  determined by adding excess standard ferric 
alum solution and back titrating the ferrous iron formed with 
potassium dichromate as above.
In order to check the EDTA determinations of the rare 
earth metals and sometimes to analyse these metals in the presence 
of phosphate, a gravimetric method given by Schoeller and Powell 
(85) was used. The metal was precipitated as oxalate and weighed 
as oxide as described below.
Procedure.
A dilute solution of the metal chloride was treated with excess 
saturated oxalic acid solution, added all at once and v/ithout 
stirring. The flocculent precipitate which fozmed immediately 
was left for about an hour to crystallise after which it was 
stirred vigoiously and left overnight. The precipitate was 
then collected in a weighed sintered silica crucible (No. 4 
sinter) and washed thoroughly with a 2% oxalic acid solution 
containing a few drops of nitric acid. The oxalate was ignited
«60“
in a furnace to approximately 700°C. to convert it to the 
oxide, cooled in a dessicator and weighed. If phosphate was 
present in the original solution, the oxide was dissolved 
in hydrochloric acid and the process repeated.
C-eneral technique and -precautions. Pyrex glassware was used 
for all of the experiments and was cleaned with chromic acid. 
Rubber bungs were used and these were cleaned by boiling in a 
dilute solution of sodium bicarbonate and then in distilled water.
The reagents used were of Analytical Grade or of similar 
purity standards. Good distilled water was used and care was 
taker, particularly in the experiments with EDTA, to ensure that 
this contained no metal impurities.
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PART III. RESULTS AND DISCUSSION
1. Ion Exchange Experiment s. Results. Tabular and graphical.
2. pH Titrations. Results. Tabular and graphical.
5. Discussion « General considerations. Correlation with
electronegativities and ionization potentials. Correlation 
with ionic radius. Bond considerations and molecular 
structure.
4. Conclusions.
<=•62**
1. Ion Exchange Experiments
The results obtained from the ion exchange equilibrium 
experiments are given in tabular form in Tables 1 to 9 and in 
graphical form in Figures 1 to 9. All results are expressed as 
the percent of total metal removed from the resin at equilibrium 
and, as explained earlier, the- resin used for all experiments was 
ZeoKarb 225 with a nominal 8fo divinylbenzene cross-linking and 
20 to 50 mesh bead size. Seven days was allowed for equilibrium 
and all experiments were carried out at room teirperature.
In Tables 1 to 6 and Figures 1 to 8, the results are 
given for the removal of a range of tcrvalont metals with the six 
acids under consideration, all under identical conditions and at 
pH values, 0.25, 0.50, 0.75 and 1.00 in each case. The efficiency 
of removal and hence the complexing power of the "various acids 
proves to be in the order,
Aluminium H SO \ 
2 4 '
H As0„ 
3 4
H SeO
2 4
h n o3 > HG10
4
Iron ■ V o 4 = HsAs04.n HgSO^ \/ H2Se04 r. M ° 3  > hcio4
Indium W ) H^AsO^') H2S04 >
H2Se°4 > hno3 > hcio4
Erbium H2S04 > H2Se04~ h 3P04 •= h h o3 >
HC104\ H5As04
Lanthanum H2S04 > H2Se04 , h 3504 — rao3 >
HCIO^v K3As04
Neodymium HgS°4 > H2Se04 -^V ° 4
X
/
/Xto
1
HC10 >
4
H3As04
Ytterbium H2S04 = H-SeO.-2 4 -
HN0 > 
3
HC104 ,.HJuO,o 4
c^ GSc3
Perchloric acid and, in most cases, nitric acid show little or no 
complexing power but otherwise, on these results, the metals are 
separated into two groups, aluminium, iron and indium on the one 
hand showing greatest complexing with the Group V oxyacids and the 
rare earth metals on the other hand showing greatest complexing 
with the Group VI oxyacids. In addition there are results for 
scandium and titanium with phosphoric and perchloric a.cids and 
the high results obtained with phosphoric acid indicates that
these metals are to be classed with aluminium, iron and indium*
The removal of these metals is usually in the order,
Fe )> In A1
and, with phosphoric acid,
Ti ■) Pe y  In y Sc y  A1
The order of removal with the rare earth metals is not so distj.nct. 
In many cases the results are very close to each other and the ljnes 
on the graphs cross. Results are given in Tables 7 to 9 and 
graphically in Figures 7 to 9 for the removal of erbium, lanthanum 
and neodymium with sulphuric, phosphoric, nitric and perchloric 
acids over the pH range 0 to 1.50.
The order of efficiency of removal of the acids with 
each metal is, in all cases,
■»G4<=>
h 2s°4 )  H3H34 )  HH03 >  HC104
and the general order of removal for the metals with any of 
these acids is,
Erbium \ Lanthanum N  ileodymium / /
# t<* fi * #
.65°
TABLE 1
Removal of Tervalent Metals from ZeoKarb 225 with Perchloric Acid
Metal j Perchloric Acid pH values
0.25 ! 
1
0.50 0.75 i 1.00i
_
A1 47.2 I 35.3 25.8 j 18.1
Er
1
58.3 24.9 IS. 4 10.4
In
■
33.9 28.0 22.0 15.6
Pe 47.3 34.2 27.3
■
22.5
La 32.0 22.0 14.5 9.1
Nd 34.3 23.6 14.7 10.2
Sc 47.6 35.2 26.8 18.2
Ti 19.0 21.9 10.2 «
Yb 33.0 21.7 13.1 8.6
All results are expressed as the percent of the total metal 
originally on the resin removed at equilibrium.
TABLE 2
Removal of Tervalent Metals from ZeoKarb 225 Tdth Nitric Acid,
i
Metal | Nitric Acid pH values
I
0.25 0.50 0.75 1.00
A1 72.9 47.1 29.0 20.0
Hr 59.2 35.4 21.9 13.3
In 68*8 38.6 27.5 19.1
Fe 87.8 61.7 45.2 38.3
La 45.8 29.5 18.7 12.1
Nd 38.8 25.3 14.5 11.5
Yb 64.5 38.4 21.7 13.7
All results e,re expressed as the percent of the total metal 
originally on the resin removed at equilibrium.
c,S7»
TABLE 5
Removal of Tervalent Metals from ZeoKarb 225 with Ortho-phosphoric
Acid
Metal Orthophosphoric Acid pH values
0.25 0.50 0.75 1.00
A1 82.1 69.3 56.5 39.4
Hr 54-. 4 40.1 27.5 18.2
In 92.8 89.2 76.9 54.7
Pe 92.8 90.6 87.4 63.4
La 45.7 35.7 22.8 16.5
Nd 50.5 36.8 23.8 14.4
Sc 90.1 87.2 75.6 51.3
Ti 97.2 95.2 86.9 70.0
Yb 59.2 42.2 30.4 17.8
All results are expressed as the percent of the total metal 
originally on the resin removed at equilibrium* The figures 
are the mean values from two sets of experiments*
c’S S ^
TABLE 4
Removal of Tervalent Metals from ZeoKarb 225 with Arsenic Acid.
Metal Arsenic Acid pH values
0.25 0.50 0.75 1.00
A1 56.1 47.7 39.1 27.5
Er 23.8 15.8 6,7 1.9
In 85.4 82.4 72.3 57.0
Pe 93.2 91.3 86.4 71.8
La 24.4 18.2 12.8 8.8
Nd 27.4 16.7 13.8 8.3
Yb 31.2
'
27.5 15.7 8.3
All results are expressed as the percent of the total metal 
originally on the resin removed at equilibrium. The figures 
are the mean values from two sets of experiments.
TABLE 5
Removal of Tervalent Metals from ZeoKarb 225 with Sulphuric Ac? d
Metal Sulphuric Acid pH values
. 0.25 0.50 0.75 ! 
....______ |
1.00
A1 74.9 53.7 36.5 27.4
Er 66.0 50.9 28.0 17.2
In 83.9 66.5 47.0
|
30.5
Pe 85.5
to.COCO 53.7 1 35.5
La 64.3 44.1 25.7 I
j
15.9
m 62.3 42.4
I
23.8 i
I
14.3
Yb 67.2 47.8
]
28.0 1 20.1
All results are expressed as the percent of the total metal 
originally on the resin removed at equilibrium.
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TABLS 6
Removal of Tervalent Metals from ZeoKarb 225 with Selenic Acid.
Metal Selenic Acid pH values
0.25 0.50 0.75 1.00
A1 67.1 45.7 30.3 19.3
Er 53.3 36.8 22.4 10.5
In 72.5 58.7 36.5 22.7
Pe 73.9 59.0 36.5 23.6
La 49.0 32.4 17.1 10.0
Nd 4-8.3 33.3 19,6 11.1
Yb ,57.2 40.6 25.4 13.8
All results are expressed as the percent of the total metal 
originally on the resin removed at equilibrium. The figures 
are the mean values from two sets of experiments.
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TABLES 7
Removal of Erbium from ZeoKarb 225 with various &,cids.
pH HN0*
3
HC104 h 3p o4 H2S04
0.05 74.0 54.8 67.1 88.1
0.25 59.2 38.3 54.4 66.0
0.50 55.4 24.9 40.1 50.9
0.75 21.9 16.4 27.5 j 28.0
1.00 15.3 10.4 18.2 | 17.2
1.25 8.7 7.6 11.3 9.4
|
1.50 6.0 4.6 6.6 3.7
All results are expressed as the percent of the total metal 
originally on the resin removed at equilibrium. The figures 
given for phosphoric acid are the mean values from two sets 
of experiments.
« 7 2 ~
TABLE 3
Removal of Lanthanum from ZeoKarb 225 with various acids.
pH ^ hn o5 hcio4 h 3p o4 H SO 2
■'
0.05 59.4 42.5 57.0 80.2
0.25 45.8 52.0 45.17 64.5
0.50 29.5 22.0 55.7 44.1
0.75 18.7 14.5 22,8 25.7
;
1.00 12.1 9.1 16.5 15.9
|
1.25 6.7 5.4 8.8 9.7
1.50 5.6 4.2 7.5
■
1
| 6.5
All results are expressed as the percent of the total metal 
originally on the resin removed at equilibrium. The figures 
given for phosphoric acid are mean values from, two sets of 
eixperiments.
TABLE 9
Removal of Neodymium from ZeoKarb 225 with various acids.
pH | HN03 hcio4
______
H3P°4 | H2S0,
0,05 55.1 44.9
!
60.2 71.5
0.25 58.8 54.5 50.5 62.3
0,50 25.5 25.6 56.3 42.4
0,75 14.5 14.7 25.8 23.8
1,00 11.5 ; 10.2 ! 14.4; 14.3
1.25 6.5 5.9
;
9.9 11.2
1.50 4.7 4.0 ! 8.5 
i
5.4
.
All results are expressed as the percent of the total metal 
originally on the resin removed at equilibrium. The figures 
given for phosphoric acid are mean values from two sets of 
experiments.
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2, pH Titration Experiments
The results obtained from the pH titration experiments 
are given in tabular form in Tables 10 to 14- and in graphical 
form in Figures 10 to 14, In all cases, the ratio of the 
change in hydrogen concentration to the netal ion concentration 
/\ [h ]/ [m j is compared with the ratio of the anion or ligand
of the experiments are given earlier but, in each case, acid 
of approximate strength 0.05M was titrated against a metal 
chloride solution approximately 0.75M in the metal.
It is not easy to draw' any quantitative conclusions 
from these results but, with each acid, the titrations were 
carried out with potassium and, assuming that no complexing 
takes place with this metal, the results may be compared with 
those obtained with the tervalent metals. On this basis, the 
results do supporc those obtained from the ion exchange equil­
ibrium experiments.
or no complexing. and the titration curves for all the metals 
very nearly coincide with that for potassium. With the Group 
V oxyacids, the results are in the order,
concentration to the metal concentration Full details
As might be expected, with nitric acid there is little
Fe > In ^ A1 ) Yb >  La K
“ Si*3
for arsenic acid and in the order,
Fe > Ti ^ In > A1 > F
for phosphoric acid. This is substantially in agreement with 
the other results. The fa.ct that the positions of iron and 
titanium are reversed could be due easily to slight oxidation 
of the titanous ion during the course of the titration.
with the Group VI oxyacids, the order of the metals
3
Fe \ La ) In ) A1 > K
for selenic an id and,
F e )  In ) A1 ) La >  K 
for sulphuric acid which again supports the results obtained 
by the ion exchange technique.
sje % # t'fi *
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TABLE 10
pH Titration with Arsenic Acid and Various Tervalent Metals
A1 TTJ-‘'e
a !h) [Acid.] A!h1 [Acid]
[Mj |Mj [mj [Mj
o. 09 0.05 0.09 0.06
0.17 0.11 0.18 0.12
0.22 0.16 0.30 0.18
0.29 0.19 0.45 0.23
0.34 0.27 0.55 0.29
0.38 0.33 0.67 0.35
0.42 0.40 0.78 0.41
0.47 0.47 0.85 0.47
0.52 0.49 0.96 0.53
0.57 0.55 1.05 0.59
0.65 0,66 1.25 0.70
O.72 0.77 1.36 0.82
0.80 O.91 1.45 O.98
0.87 O.98 1.50 1.06
0.94 I.09 1.55 1.17
1.09 1.37 1*61 1.83
1.22 1.67 1.67 2.35
1.33 1.91 1.72 2.93
1.42 2.18 1.84 4.10
1.51 2.46 2.01 5.87
1.63 2.73
1.80 3.28
2.01 3.82
2.20 4.37
2.37 4.91
2.59 5-46
In La
|Mj
[Acidl
n r ' " iM]
lAcidl
[M{
0.17 0.06 0.04 0.06
0.30 0.12 0.08 0.12
0.39 0.18 0.11 0.18
0.48 0.24 0.14 0.24
0.54 0.30 0.16 0.30
0.62 0.36 0.19 0.36
O.69 O.42 0.21 0.42
0.7 6 O.48 0.23 O.48
0.81 0.54 0.25 0.54
0.86 0.60 0.27 0.60
0.97 0.72 0.31 0.72
1.08 O.84 0.34 O.84
1.18 1.00 0.37 1.00
I.29 1.08 0.40 1.08
1.37 1.20 0.43 1.20
1.55 1.50 0.49 1.50
1.70 1.87 0.55 1.86
1.87 2.10 0.60 2.10
2.05 2.35 0.66 2.39
2.20 2.7P O.72 2.69
2.35 3.00 O.78 2.99
2.55 3.60 O.89 3.58
2.77 4.20 O.98 4.18
3.00 4.80 1.09 4.79
3.25 5.41 1.18 5.38
3.43 6.01 1.27 5.98
K Yb
/AIh]
[Mj
Ucidj
[Mj
a (h ]
[Mi
[Acid]
[Mj
0.05 0.06 0.07 0.07
0.08 0.12 0.17 0.13
0.11 0.18 0.22 0.20
0.13 0.24 0.28 0.27
0.15 0.30 0.33 0.34
0.17 0.36 0.37 0.40
0.20 0.42 0.41 0.42
0.22 O.48 O.46 Os54
0.24 0.54 O.50 0.60
0.27 0.60 O.56 O.67
0.31 0.72 0,64 0.81
0,33' O.85 0.73 0.94
0.35 1.00 0.80 1.18
0.37 1.09 0.87 1.21
0.39 1,21 0.93 1.34
O.46 1.51 1.09 1.68
O.52 1.88 1.22 2.09
0.57 2.11 1.33 2.35
0.62 2.42 1.45 2.69
0,68 2.71 1.54 3.02
0.74 3.01 I.64 3.35
O.84 3.62 1.86 4.03
0.95 4.22 2.06 4.70
1.05 4.83 2.28 5.38
1.16 5.43 2.46 6.06
1.25 6.O5 2.65 6.73
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TABLE II
pH Titration with Hitrie Acid and Various Tervalent Metals
A1 Fe In La K Yb
A  (hi 
[Mj
{Acid!
[Mj
a [h]
1 m1
{Acid]
[M] [Mj
lAcid]
[Mj
AIhI
w
fAcid]
|MJ
A  fa]
[Mj
[Acid!
£M]
Afel :Acidj
[Mj
0.03 0.05 0.03 0.05 0.05 0.06 0.04 0.06 0.05 0.06 0.05 0.07
0.08 0.11 0.06 0.11 0.11 0.12 0.11 0.12 0.10 0.12 0.10 0.14
0.12 0.16 0.08 0.16 0.17 0.18 0.15 0.18 0.16 0.18 0.16 0.20
0.17 0.22 0.10 0.21 0.22 0.24 0.21 0.24 0.20 0.24 0.21 0.27
0.22 0.27 0.13 0.26 0.27 0.30 0.25 0.30 0.25 0.30 0.27 0.34
0.27 0.33 0.17 0.32 0.32 0.36 0.30 0.36 0.30 0.36 0.32 0.40
0.32 0.38 0.19 0.37 0.39 O.42 0.35 0.42 0.37 0.42 0.34 0.42
0,38 0.44 0.25 0.43 0.43 O.48 0.40 O.48 0.40 O.48 0.39 0.48
0.43 0.49 0.29 O.48 O.48 0.54 O.46 0.54 O.46 0.54 0.44 0.54
0.47 0.55 0.32 0.53 0.54 0.60 0.50 0.60 O.51 0.60 0.49 0.61
O.56 0.66 0.39 0.63 0.64 0.72 0.60 0.72 0.61 0.72 O.65 0.81
O.65 0.77 O.46 0.74 0.73 O.84 0.70 O.84 0.70 O.84 0.7 6 0.94
0.74 0.88 0.55 O.85 O.84 O.96 0.81 0.9 6 0.81 O.96 0.86 1.08
O.84 O.99 O.64 0.95 0.93 1.09 0,92 1.08 O.92 1.08 0.97 1.21
0.95 1.10 0.73 1.06 1.04 1.20 1.01 1.20 1.02 1.20 1.07 1.35
1.15 1.37 0.90 1.32 1.22 1.51 1.24 1.50 1.21 1.50 1.37 I.69
1.38 1.65 1.12 1.59 1.52 1.81 1.49 1.80 1.45 1.80 1.60 2.02
1.61 1.92 1.30 1.85 1.75 2.11 1.74 2.10 1.70 2.10 1.88 2.36
1.80 2.19 1.51 2.11 1.96 2.41 I.98 2.40 1.94 2.39 2.14 2.70
2.00 2.47 1.71 2.38 2.20 2.71 2.26 2.70 2.16 2.68 2.39 3.03
2.24 2.74 1.92 2.65 2.45 3.01 2.52 3.00 2.36 2.93 2.66 3.37
2.66 3.29 2.37 3.17 2.93 3.62 3.00 3.60 2.80 3.58 3.16 4.04
3.08 3.84 2.78 3.70 3.40 4.22 3.47 4.20 3.24 4.18 3.66 4.72
.3.49 4.29 3.16 4.14 3.86 4.72 4.03 4.70 3.66 4.67 4.14 5.28
3.86 4.94 .3.51 4.76 4.27 5.43 4.55 5.40 4.14 5.37 4.69 6.09
4.16 5.48 3.79 5.29 4.72 6.04 5.01 6.00 4.56 5.97 5.16 6.75
Ao
o
0
0
0
0
0
0
0,
0,
0
0
0,
0,
0
0
0
0,
1
1
1
1
1 ,
1
1
1
- 8 7 -
TABLB 12
•pH Titrations with Ph.osnhoric Acid and various Tervalent Metals
A1 Fe In K Ti
JL
M."
06
12
17
21
25
29
32 
36 
38 
41 
46 
51 
55 
60 
65 
75 
84 
94 
02 
07 
13 
23
33 
44 
51 
60
JUcidl
[m J
0.05 
0.10 
0.16 
0.21 
0.26 
0.31 
0.35 
0.42 
0.47 
0.52 
0.63 
0.74 
0.84 
0.95 
1.05 
1.31 
1.58 
1.84 
2.10 
2.36 
2.62 
3.15 ' 
3.68 
4.20 
4.73 
5.25
A H
X  
0*06 
0 .12  
0.19 
0.27 
0.36 
0.45 
0.58 
0.61 
0.69 
0.78 
0.93 
1.05 
1 . 1 1  
1.19 
1.23 
1.32 
1.38 
1.41 
1.43 
1.52 
1.57 
1.72 
1.82
LAcid.1
M
0.05 
0.10 
0.15 
0.20 
0.25 
0.31 
0.35 
0.41 
0.45 
0.51 
0.61 
0.71 
0.81 
0.91 
1.02 
1.26
1.52 
1.77
2.03
2.53
3.04 
4.06 
5.07
A ’h ‘
X
0.07 
0.14 
0.19 
Oc24 
0.28 
0.32 
0.36 
0.40 
0.43 
0.46 
0.51 
0.58 
0.63 
0.69 
0.73 
0.82 
0.91 
1.01 
1.09 
1.16 
1.24 
1.38 
1.54 
1.66 
1.76 
1.81
rAcidl
[MJ
0.06
0.12
0o17
0.23
0.29
0.35
0.40
0.46
0.52
0.58
0.69
0.81
0.92
1.04 
1.16 
1.44 
1.71 
2.02 
2.31 
2.60 
2.89 
3.46
4.04 
4.62 
5.20 
5.78
A H
[M 
0.04 
0.06 
0.10 
0.12 
0.14 
0.15 
0.17 
0.18 
0.20 
0.21 
0.24 
0.27 
0.30 
0.33 
0.35 
0.41 
O.46 
0.51 
0.57 
0,61 
0.65 
0.75 
0.85 
0.94 
1.02 
1.09
rAcidl
T i f  
0.06 
0.11 
0.17 
0.23 
0.29 
0.35 
0.40 
0.46 
0.51 
0*57 
0.69 
0,80 
0.92 
1.03 
1.08
1.43
1.71 
2.00 
2.29
2.57 
2.86
3.43 
4.00
4.57 
5.15
5.72
A H
M 
0.04 
0.09 
0.11 
0.14 
0.17 
0.19 
0.23 
0.26 
0.28 
0.29 
0.37 
0.43 
0.50 
0.57 
0.65 
0.80 
0.97 
1.09 
1.18 
1.24 
1.35 
1.48 
1.67 
1.83
F Acidl
L M T
0.06
0.11
0.17
0.22
0.28
0.34
0.39
0.44
0.50
0.55
0.6b 
0.78 
0.89 
1.00 
1 . 1 1  
1.36 
1.67 
1.94 
2.22 
2.50 
2.77 
3.33 
4.43 
5.54
A0,
0,
0,
0,
0,
0,
0
0,
0,
0,
0,
0
0,
0
0
0
1
1
1
1
1
2
2
2
3
3
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TABLE 13
ons with Selenic Acid and various Tervalent Metals
Fe In La K
h ' [Acid] A ‘h " [Acid I A A
r [mj A r I m I 1 A
04
08
13
19
0.06
0.11
0.1?
0,22
23 v .0.28
28 0.34
0.39 
0.45 
0.50 
0.56 
0.67
32
37
42
48
58
67
76
85
95
14
32
50
72
94
12
48
89
21
56
94
0.78 
0.89 
.1 ,00 
1.12 
1.40 
1 .68  
1.96 
2.24 
2.51 
2.80 
3.36 
3.91 
4.47 
5.04 
5.59
0.02
0.09
0.15
0.20
0.25
0.31
0.36
0.41
0.45
0.50
0.59
0.68
0.77
0.86
0.95
1.13
1.33
1.52
1.69
1.89
2.06
2.39 
2.71 
3.06
3.39 
3.74
0.06
0.12
0.18
0.24
0.30
0.36
0.42
0.48
0.53
0.59
0.71
0.83
0.95
1.07 
1.19 
1.49 
1.78
2.08 
2.38 
2.68 
2.98 
3.57 
4.16 
4.75 
5.35 
5.95
0.06 
0.11 
0.16 
0.22 
0.26 
0.31 
0.36 
0,40 
0.44 
0.49 
0.58 
0.66 
0.75 
0.83 
0.92 
1.10 
1.29 
1.47 
1.65 
1.84
2.04 
2.43 
2.75
3.05 
3*36 
3.71
[Acid!
LmT
0.06
0.12
0.13
0.24
0,30
0.36
0.41
0.47
0.53
0.59
0.71
0.83
0.95
1.07
1.19 
1.48 
1.78
2.07 
2.37 
2.66 
2.96 
3.50 
4.14 
4.74
5.19 
5.65
A]H] [Acid]
LmJ
0.05 
0.10 
0.14 
0.18 
0.23 
0.27 
0.31 
0.34 
0.39 
0.43 
0.49 
0.53 
0.65 
0.72 
0.77 
0.94 
1,10 
1.26 
1.44 
1.57 
1.71 
2.03 
2.35 
2.65 
2.93 
3.23
0.06 
0.12 
0.18 
0.24 
0.29 
0.35 
0.41 
0.47 
0.53 
0.59 
0.71 
0.83 
0.94 
1.06 
1.18 
1.47 
1.77 
2.06 
2.36 
2,64 
2.94 
2.53 
4.12 
4.70 
5.30 
5.89
4o,
o
0
0,
0,
0
0
0,
0,
0
0,
0,
0
0
0
1
1
1
1
1
2
2
2
3
3
3
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TABLE 14
;ions with Sulphuric Acid and various Tervalent Metals
Fe In La K
H.
M.
11
20
24
29
34
39 
44 
49 
54 
58 
67 
75 
85 
93 
01 
20
40 
67 
77 
93
13 
49 
83
14 
48 
85
[Acid] A 'h [Acid] A Y [Acid] A ’h "
I M A Lm J A I M A
0.06
0.11
0.17
0.23
0.29
0.35
0.40
0.46
0.52
0.57
0.69
0.80
0.92
1.03
1.15
1.44 
1.72 
2.01 
2.29 
2.59 
2.87
3.45 
4.02 
4.58 
5.18 
5.74
0.04 
0.11 
0.16 
0.22 
0.29 
0.35 
0.42 
0,46 
0.52 
0.56 
0.66 
0.75 
0.85 
0.94 
0.99 
1.24 
1.42 
1 .6 6  
1.86 
2.02 
2.20 
2.56 
2.97 
3.29 
3.54 
4.01
0.06 
0.12 
C.18 
0.24 
0.30 
0.37 
0.43 
0.49 
0.55 
0.61 
0.73 
0.85 
0.98 
1.10 
1.22 
1.53 
1.83 
2.13 
2.44 
2.75 
3.05 
3-66 
4.28 
4.86 
5.50 
6.11
0.06 
0.10 
0.15 
0.20 
0.26 
0.31 
0.34 
0.41 
0.45 
0.49 
0.57 
0.66 
0.75 
0.85 
0.94 
1.10 
1.29 
1.48
1.69 
1.88
2.05 
2.32
2.69
3.05 
3.37 
3.72
0.06
0.12
0.18
0.24
0,30
0.38
0,43
0.49
0.55
0.61
0.73
0.86
1.03 
1.10  
1.22 
1.52 
1.83 
2.13 
2.43 
2.74
3.04 
3.65 
4.27 
4.88 
5.48 
6.08
0.05 
0.10 
0.14 
0.19 
0.23 
0.26 
0.30 
0.35 
0.39 
0.43 
0.49 
0.56 
0.63 
0.70 
0.77 
0.92 
1.08
1.23 
1 .41 
1.67 
1.71 
2.03 
2.35 
2.64 
2.94
3.24
T Acid]
i r
0.06 
0.12  
0.18 
0.24 
0.30 
0.36 
0.42 
0.48 
0.54 
0.60 
0.73 
0.85 
0.97 
1.09 
1.21 
1.51 
1.82 
2.11 
2.42 
2.72
3.04 
3.63 
4.23 
4.83 
5.45
6.05
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Discussion
General Considerations The data obtained represent . the degree 
of complex formation between a number of metal ions and various 
oxyacid anions. Physical conditions such as pH, concentration 
and temperature were controlled and were the same for all of tiie 
experiments. The metal ions used 'were all tervalent and, in all 
of the anions, oxygen was the donor atom in complex formation.
The only variables present were those due to the structural 
differences of the various metals and oxysc ids and it should be 
possible therefore to relate the results, or the anomalies in 
the results, to some of theso structural differences.
Considering in the first place the metal ions, these 
were selected to cover a wide range of ionic radii. Since the 
number of tervalent ions available is limited, the electronic 
configurations are significantly different in some cases. The 
electronic configurations of the metals used are given below.
Al5+ Is2 2s2 2p6
Sc3+ Is2 2s2 2p6 3s2 3p6
Ti5+ Is2 2s2 2p6 3s2 3p6 3d1
Pe3+ is2 2s2 2p6 3s2 3p6 3d5
In5+ is2 2s2 2p6 3s2 *-D6 3d10 4s2 4p6 . 4d10
k e3+ is2 2s2 2p6 3s2 <3 6 op 3d10 4s2 4p6 -id10
Thus aluminium, scandium and the rare earth metals, in the tervalent 
ionic state, have a completed octet and are typical non^transition 
elements. The tervalent indium ion has an outer completed d snell 
or ’pseudo inert gas’ configuration and will resemble the non*-’ 
transition elements. The ferric ion has a half filled d shell 
and will he transitional in character hut the symmetrical half 
filled d level brings about an enhancement in stability. Titanium 
(ill), with a single electron in the 3d level, is a typical 
transition element.
These differences are reflected in most of the parameters, 
for example in the electronegativities which are used later in 
this discussion. Many tables of electronegativities have been 
published (86) but the only complete one which includes values 
for the individual rare earth metals is by Little and Jones (8?) 
and the values listed below are taken from this source. The 
authors take some of their values from an earlier table by Allred 
and Re chow (88) and calculate the remainder in a similar manner, 
the results being, in most cases, very close to those obtained 
earlier by Pa.uling.
*»97^
Electronegativities
Pe 1.04-
In 1.49
A1 1.47
Ti 1.52
Sc 1.20
Er 1.11
La 1.08
Nd 1.07
Yb 1.06
The other parameters v/hich are used later are the ionization 
potentials and the first, second, third and sum of these for 
the various metals are listed "below. Values are not available 
for the rare earth elements other than lanthanum. The values 
given are in electron volts and aro taken from Condon and 
Odishaw (89).
Metal I II III Sum
La 5.61 11.40 20.40 57.4
Sc 6.56 12.89 24.75 44.5
Pe 7.90 16.18 50.64 44.7
Ti 6.85 15.55 28.14 48.5
In 5.79 18.79 27.91 52.5
A1 5.98 18.82 28.44 55.2
c=S8«=>
As might he expected, neither the electronegativities nor the 
ionisation potentials are related directly to the ionic radii 
of the metals.
Ionic Radii
A1 0.51
Fe 0.72
Ti 0.79
In 0.81
Sc 0.81
Yb 1.05
Er 1.08
m. 1.14
La 1.18
Of the six anions used, five, namely, perchlorate, ortho^ 
phosphate, arsenate, sulphate and selenate have a tetrahedral 
structure with the four oxygen atoms grouped symmetrically and. 
tetrahedrally ahout the central atom. The 0«M^0 angle is 109° 28’ 
in each case.
0
I
Ii
Eitrie acid is different with, a planar structure and? in the 
nitrate anion? the three oxygens are grouped symmetrically 
shout the nitrogen? the four atoms being in the same plane,
The O-E-O bond angles are 120°,
° \  / - °
!
0
The complexes formed between these metals and the anions
are all most likely to be spin free type involving the outer d
3 2orbitals of the metal atom with sp d hybridisation and? in the 
case of the trischelate compounds9 with an octahedral structure.
In fact? the metals and anions can combine in one of two 
different ways3 either with each metal linked to each anion by two 
bonds as shown in (a) below or with each metal atom linked to 
each anion by one bond only as in (b).
(a)
»100«
If conditions favour the formation of the former type,, the limit 
is usually three anions attached to one metal atom and relatively 
small and soluble complex ions are formed. If, on the other 
hand, conditions favour the latter type of cairpound, it is unlikely 
that the process will stop after one stage as shown and usually 
it continues to give a giant molecule and precipitation. This, 
in fact, nearly always occurs if conditions are such that the 
solutions are alkaline.
^lOl”
Correlation with electronegativities and ionization potentials
As explained in the historical survey and other earlier 
sections, it is reasonable to expect some relation between the 
degree of complex formation or the stability of the conplex 
species and such parameters of the metal ions as electronegativity 
and ionization potential. In figure 15, plots are mads of the 
degree of complex formation with the various anions against the 
electronegativities of the metals and the corresponding logarithmic 
plots are given in figure 16, In both cases, for simplicity, use 
is made only of the values obtained at pH 0.5 but similar graphs 
and the same trends are apparent with the results obtained at the 
other pH values.
In Figure 17, similar plots are made but the degree of 
complex formation is plotted against the sum of the first three 
ionization potentials for the metal ions. Again only the values 
obtained at pH 0,5 are used but, as before, the same trends are 
apparent at the other pH values. The corresponding logarithmic
plots are given in figure 18.
Considering firstly the electronegativity graphs, the 
degree of complex formation may be expected to rise with an 
increase in the electronegativity and, in fact, this generally 
proves to be the case. With all of the acids, the points obtained 
are 'widely distributed but, whereas in the cases of perchlorate,
nitrate, sulphate and selenate, it is just possible to construct 
a straight line, this is quite impossible with orthophosphate 
and arsenate.
The plots against total ionization potentials show the 
same general trend although, in this case, it is more correct 
to say that, while perchlorate results give a reasonable straight 
line and those from orthophosphate and arsenate do not, the results 
obtained with nitrate, sulphate and selenate appear to be between 
these two extremes. Again, the degree of complexing rises 
generally with an increase in the ionization pot entail.
From these results, it is apparent that no relatively 
simple relationship exists between the degree of complex formation 
and the metal ions in the case of tervalont metals and inorganic 
oxyacids such as was found by Irving and "Williams and by other 
workers with bivalent metals and weak organic acids. 'While there 
are many other contributory factors, it is suggested that the 
essential difference which appears to exist between orthophosphate 
and arsenate on the one hand and perchlorate, nitrate, sulphate 
and selenate on the other hand is that the former can form four 
membered ring chelate compounds with tv/o coordinate bonds while 
the latter join to. the metal with only one coordinate bond.
This is in agreement with the available evidence as explained in 
earlier sections and is also to be expected from the characteristics
of the anions and the central adorns.
The tendency to act as a donor group in complex form?-’ 
ation will depend upon the charge on the am.on and upon the size 
and electronegativity of the central adorn. In the table below, 
the electronegadivity values are taken from the list by Little 
and Jones (87). The covalent radii are taken from the list by 
Pauling and Huggins (90.91) and are calculated for elements in 
a tetrahedral arrangement which does, in fact, apply to all except 
the nitrogen.
Anion Central Electro^ Covalent
atom r.egad ivity radius
cioy Cl 2.83 0.99
M0«" N 3.07 0.70
po43ra P 2. 06 1.10
Asof" As 2.20 1.18
S042" S 2.44 1.04
Seof“ Be 2.48 1.14
The power to act as a donor ligand will be greatest 
with the highest negative chargo on the ion. To a lesser 
extent, it will increase with a decrease in electronegativity
«104«
of the central atom and with an increase in the radius. In 
order of electron donor ability, the groups are,
P043" >  As043"J> S042” >  Se042“ »  N O g  C104"
If a chelate type complex ion is formed with phosphate and 
arsenate, it may have an enhanced stability due to the presence 
of the ring but this may be offset by steric effects and it 
may be possible to relate the stability of the compound to the 
size of the metal ion.
If the size of the metal ion is such that the ring can be formed 
under sbrain free conditions, there will be every incentive 
for chelate rings to be formed and the resulting complex will 
show maximum enhancement of stability owing to the ’chelate 
effect’. But if the metal ion is too large or too small and 
too much distortion would be required for a ring to be formed 
bridge structures will tend to be more stable and, in the exbreme 
co.se, very large cross-linked structures may precipitate,
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Correlation with Ionic Radius
In Figures 19 to 24, the degree of complex formation 
is plotted against the non«hydrated ionic radii of the metals 
for the different acids at pH values 0.25, 0.50, 0.75, and 1.00, 
Very reasonable straight lines are obtained with the perchlorate 
results « Figure 19 « and all of the perchlorate curves
show clearly that there is little or no tendency to form any 
complex ions. There is a steady drop in the percentage of 
metal removed by the acid at any given pH with increase in 
ionic radius. This is to be expected since the smallest ion 
will be the most heavily hydrated and therefore will be the 
least firmly held on the ion exchange resin.
The corresponding curves with the other acids are 
all higher, that is more metal is removed from the resin, 
showing that seme complex formation is taking place. With 
nitrate, sulphate and selenate Figures 20, 23 and 24 «
the curves are very similar to eenh other. In all cases, there 
is a gentle curve with a maximum at ionic radius 0.7 to 0.8A 
corresponding to iron or indium, these metals showing a value 
some 10 to 20 percent higher than the others. The rare earth 
metals show, with all acids, the expected drop with increase 
in the ionic radius.
Orthophosphate and arsenate «=» Figures 21 and 22 «
-110-
give a very different curve. As before there is a maximum at 
0,7 to 0.8A ionic radius but in both cases the peak is a very 
sharp one. With aluminium, iron, titanium , indium and scandium, 
a high percentage of metal is removed. With the rare earth 
me tads there is a much lower removal, the values being 
comparable with those obtained with the other acids. As 
before, the expected drop in removal with increase in ionic 
radius is apparent with the rare earth metals.
With all acids, there is in addition the expected 
increase in the percentage metal removed, with a decrease in the 
pH of the solution.
It can be seen from these curves that there is indeed 
an optimum ionic radius for complex formation and there is no 
reason why this should not have some connection with the 
formation of ring type complexes. The difference between 
orthophosphate and arsenate on the one hand and nitrate, sulphate 
and selenate on the other hand is also very apparent. Undoubtedly 
the phosphate and arsenate show a far greater tendency to form 
complexes than the other anions and the optimum radius effect 
is far more marked.
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It is possible, from simple theoretical considerations, 
to calculate approximately the optimum motal ion radius for a 
strain free ring. For example, in the case of the orthophospnate 
group, it may be assumed that tho four oxygen atoms are grouped 
tetrahedraily about tho phosphorus atom. Using. Pauling1 s (9l) 
values for the ionic radii of oxygen and phosphorus,
O2^  = 1.40A
P5+ = 0.34A
tho distance between the two oxygen atoms may be calculated.
The reasons and justification for using tho ionic radii rather 
than the covalent radii are discussed in a later section.
Ch 1.74A
i \x o P
! " 109°
6 * X
35.5°
x a 1.74 Sin 109 
Sin 35.5
= 2.83A
In this ca.se, the 0=0 distance proves to be 2.83A implying that 
the two atoms arc almost touching each other.
Considering next the four memberod ring formed with the metal-
If tho "bonds in use "by the metal are formed from sp^d^ hybrid 
orbitals, a "bond angle of 90° is required. Also, if the p 
orbitals of the oxygen are used for bond formation in the ring, 
these too require bond angles of 90°. It is not possible for 
all three aiogles to be 90° if the phosphorus bond angle is to be 
kept at 109° and some distortion or reduction in angle must be 
assumed. The phosphorus is a small ion packed tetrahe&rally 
between four large oxygen ions and it would seem that distortion 
of the tetrahedral bond angle is not very likely. Furthermore 
any reduction in the phosphorus bond angle would involve two 
similarly charged oxygen ions being forced closer to each other 
and, as shown above, there is very little room between them.
It would seem therefore more reasonable to distribute the strain 
between the two oxygen bond angles and the metal bond angle.
If this is done symmetrically the former ore reduced to 83.5° 
and the latter to 84°.
83.5 - 35.5 = 48°
v 0
The HSrC distance y may then bo calculated in the same way as 
used previously.
y = 2.85 Sin 43
Sin 84
— 2.12A
The required radius for the metal is then>
2.12 « 1.40 = 0.72A 
A similar calculation may he made for the arsenate 
group and very similar results are obtained. The ionic radius
c .
of As is 0.47A. Following the same procedure as above<
0.. 1.87
x  I \
s As 
’ " • 109°
0 \
55.5C
The distance between the oxygen atoms,
x = 1.87 Sin 109 
Sin 55.5
= 5.04A
The radius of the oxygen atom is 1.40A and thus, as in the 
phosphate, the two oxygen atoms are almost touching. The 
metal *=* oxygen distance may now be caloi lated as before
y 0 ,85.5 ~ 35.5 = 48°
M/ 5.04 As
84° 1 /
0
”12 0=
7 ~ 5.04 Sin 48 
Sin 84
= 2.25A
The radius required for the metal atom is then,
2.25 - 1.40 = 0.85A 
Bearing in mind the many factors which can influence 
this, the values of 0.72 and 0.85 for phosphate and arsenate 
respectively are in very good agreement with the optimum values 
suggested by Figures 21 and 22, that is approximately 0.75 in 
each case.
In the cases of sulphate and selenate, Figures 25 and 
24, the graphs do show a maximum value but the curves have quite 
a different shape and the very pronounced peaks shown by 
Figures 21 and 22 are missing completely. It is less likely 
that these two anions are sufficiently powerful electron donors 
to be able to form two coordinate bonds and a four membered 
chela ce complex. Further more the same type of maximum Is shorn 
by the nitrate curve, Figure 20, and ring formation is very 
unlikely in this case. The maxima in all cases occurs with 
iron or titanium, transitional type elements with high electro^ 
negativities which would be expected to oonplex strongly in any 
case. The unexpected feature is the pronounced difference in 
the curves obtained with the different anions.
«=>121«=*
It seems reasonable to suppose therefore that, in the 
ease of perchlorate, little or no complexing is taking place and, 
in the cases of nitrate, sulphate and selenate, complexing is 
occurring hut only as would be expected from the electronic 
configurations and electronegativities of the metal ions. With 
orthophosphate and arsenate, the sharp pea.ks in the curves shows 
the occurrence of some additional complex formation and the 
simple calculations given above support the explanation that four 
menbered chelate rings are being formed but that the formation 
of these is limited to complexes with metals whose non-hydrated, 
ionic radii fall within a limited range of values.
It is possible that, in the ca.se of sulphate and selenate, 
some ring complexes are formed but not to the same extent as 
with orthophosphate and arsenate and, as a result, the peaks in 
the curves are far less pronounced. The same type of calculation 
may be made for these anions.
S6+ = 0.29A
Se6+ = 0.42A
0 1.69^ o
X
0 '
55.5°
I \ ^ 1 0 9
«122<
x = 1.69 Sin 109
Sin 55.5
= 2.75A
Hence in this case, there is insufficient room for the two atoms 
of oxygen and there must he some ring strain involved on this 
account.
48°
y 
/
M / 2.75 : S
04° |
v>o
y = 2.75 Sin 48
Sin 84
= 2.05A
The optimum metal radius in the case of the sulphate ion is 
therefore,
2.05 - 1.40 = 0.65A
which is not very different from the values for phosphate and 
arsenate.
Using exactly the same arguments in the ca.se of selenate,
0 ^  1.82
x ^  Se
s'
-123-
1.82 Sin 109 
Sin 55.5
2.96A
With the larger selenium ion the two oxygen atoms are more widely 
separated and there is room for these without any ring strain.
Again there is no groat difference in value form the phosphate 
and arsenate.
approximately 0.7A in both cases which is in reasonable agreement 
with the above values. However, as has been pointed out earlier, 
the differences in electronic configuration and electronegativities 
of the metal ions would give rise to an optimum at iron or titanium 
and the known properties of sulphate a.t least, as a donor group 
do not make it very likely that ring formation is occurring,
y ,0 '
2.96 Sin 1-8 
Sin 84
2.21A
The optimum metal radius in this case is,
2.21 1.4C 0.81A
The values suggested by the maxima in the graphs is
* * :Je
Bond Considerations
It has been assumed, in the calculations of optimum 
metal radii, that the atoms are all present in a completely 
ionic form and the ionic radii have been used rather than the 
covalent radii. The use of these was suggested by several factors 
The interaction is between M^+ and POP-*” or HPO^“ and will 
involve bonds of a highly polar character. Hence the oxygen 
atoms in B~0=»M will carry effectively one unit of negative change 
and possibly more since the P«0 bond is itself appreciably ionic. 
Furthermore the bonding of the two oxygen atoms to the two other 
metals P and M « will reduce effectively any double bonding 
between the phosphorus and oxygen atoms. Some support for this 
view is also to be found in the general similarities observed 
between the crystal structures of several heavy metal phosphates 
and certain silicates (93) which suggests, that in these compounds
o
the structure is approximately one of largo contiguous 0^“ ions 
with smaller interstitial P^+ ions.
The P^O bond in the phosphate ion has been measured 
and found to be 1.55A (94) but this certainly will be increased 
when the metal complex is formed. Nevertheless, although it may 
approach the sum of the ionic radii, that is 1.74 for phosphate, 
it is unlikely to reach this value and the true P^ >0 distance 
will have some value between these two extremes. This precise
«125~
value is not easy to determine experimentally or to calculate.
According to Pauling (95), the amount of ionic 
character in a bond is related to the difference in electro^ 
negativity of the two constituent atoms and is given by the 
formula,
»l/4 (xA ~ Xg)2
Amount of ionic charaeter = 1 *=> e
where x^ and x^ are the electronegativities for the bond A«B. 
If this is applied to the P^O and As«0 bonds, these prove to 
be approximately 40 and 35 percent ionic respectively,
Schomaker and Stevenson (96) suggested an empirical 
equation for determining the actual A«B bond length.
EAB = r A + r B "  °-09 (xA “
where rA and r^ are the covalent radii and x^ «=> x^ is again 
the difference in the electronegativities.
X cov.rad. ionic rad.
0 3.50 0.66 1.40
p 2.06 1.10 0* 34
As 2.20 1.18 0.47
As before the electronegativities are taken from the table oy 
Little and Jones (37). the covalent radii are from the
®126«»
Pauling and Huggins series of tetrahedral covalent radii (91) 
and the ionic radii are t>y Pauling (92),
Although the P“0 and As~0 distances are roughly the 
same whether ionic or covalent radii are used, the oxygen 
contribution is very different and hence the oxygen and metal 
contributions to the M*>0 bond will be very different.
Applying the Schomaker « Stevenson relationship to 
the phosphate and arsenate complexes, in the first case the 
P«0 distance becomes,
1.76 « (0.09 x 1.44) Angstrom units
= 1.63
compared with the 1,74A obtained as the sum of the ionic radii. 
In the same way, the As^Q distance becomes,
1.84 » (0.09 x 1.30) Angstrom units
- 1.72
compared with the previous value of 1.87A.
If these values are used in the calculation for the 
M=*0 bond length in ring type complexes, the following results 
are obtained. Using the same procedure as previously but with 
the new values, the 0*0 distance may be calculated.
»127*=>
0
x
\1. S3 
.P
0 /
The 0«0 distance,
x = 1.65 Sin 109
Sin 35.5
= 2.65A
and the M«0 distance,
y = 2.65 Sin 48 
Sin 84
= 1.99A
In the case of the arsenate ring,
0 1- 72
The CM) distance,
x = 1.72 Sin 109
Sin 35.5
x
0
2.79A
and the M«0 distance
y = 2.79 Sin 48
Sin 84-
c'>128c3
y S 2.10A
These values of 1.99 and 2.10 for the M«0 distances in the
phosphate and arsenate rings respectively compare with the
values of 2.12 and 2.25 obtained previously using ionic radii.
Since no absolute value of the oxygen radius is known for these
conditions, it is not possible to get an optimum value for
the metal radius as was done before. However, the oxygen radius
will be decreased a little and the optimum metal radii will be
a little larger which would, in fact, give slightly better
agreement witn the experimental values obtained from the graphs.
Another assumption which has been made is that the
metal and oxygen bond angles arc ideally 90° and the phosphorus
bond angles tetrahedral. This value is probably correct for
the phosphorus and the right angle justified in the case of the 
2 5metal if d sp° orbitals are- used in an octahedral coup] ex.
The right angle is justified in the case of the oxygen 
only if simple p orbital bonding is assumed. It is suggested 
in modem theories that the oxygen bond angles may be tetrahedral, 
and this is used to explain, for exairple, the angle of 
approximately 104° found in the water molecule. In addition 
to the two bonds, the two lone pairs of electrons from the oxygen 
take the place of two further bonds.
If values of 109° for the oxygen bond angles are
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used in the phosphate or arsenate rings, tnese -would require 
three angles of 109° and. one of 90° which is impossible. 
Considerable angle distortion would have to be assumed and 
this is most likely to occur at the oxygen atoms which are 
linked to the remainder of the molecule by two bonds only.
If this is true, this consideration is not likely to have much 
effect on the values obtained for the interestoraic distances 
and. the optimum metal radii.
s*s v ^
CONCLUSIONS
The graphs obtained by plotting the degree of complex 
formation between the various metals and anions against the 
electronegativities of the metals and against the sum of the 
first three ionization potentials give approximately straight 
lines with perchlorate, nitrate, sulphate and selenate but nc 
reasonable curve of any sort can be drawn from the results 
obtained with orthophosphate and arsenate.
Plotting the degree of complex format ion against the 
non^hydrated radii of the metal ions gives better curves generally 
but, again, whereas the perchlorate, nitrate, sulphate and selenate 
results give curves vi+h a very gentle maximum, the phosphate and 
arsenate curves show very pronounced peaks at approximately 0.75A 
corresponding to iron or titanium. Although in some respects the 
sulphate and. selenate results seam to be intermediate between those 
of perchlorate find, nitrate on the one hand and those of phosphate 
or arsenate on the other hand, they are much closer to those of 
the former than to those of the latter.
It is suggested that the essential difference in behaviour 
of these anions is that whereas perchlorate, nitrate, sulphate and 
selenate form one coordination bond only, the phosphate and arsenate 
groups tend to form two bends resulting in a four membered. ring 
complex. Assuming all bonds to be predominantly ionic in nature,
-131«
calculation of tho optimum metal radius giving least ring strain 
and distortion gives results of 0.72A and 0.85A for phosphate 
and arsenate respectively which is in reasonable agreement 
with the experimental results. Modification of the theory to 
take account of the partially ionic partially covalent nature of 
bonds in these two anions gives results which are slightly 
lower and in still better agreement.
The suggestion that ring complexes are formed with 
tlie phosphate and arsenate anions but not with the others is in 
agreement with past work carried out on complexes of these ions 
generally. In complexes such as substituted cobaltammines, the 
phosphate and arsenate groups are known to occupy often two 
coordination positions. Sulphate can do so occasionally but 
no cases have been established of this occurring with perchlorate, 
nitrate or selenate.
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